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PREFACE 


The theory of relativity in physics has led to an increa^ amount 
of correlation in physical phenomena and to a keener msight into 
the fundamental problems of physics. More recently, another kind 
of relativity theory has made its appearance in chemistry. We owe 
this theory to the brilliant intuition of G. N. Lewis, by whom it 
was first proposed in 1923. Unfortunately, it was largely over- 
looked until about 1940. Since then, numerous papers Imve been 
published supporting and developing the theory, which is becom- 
ing known as the electronic theor y of acids and bases. 

According to the Le wis theory, acidity and basicity have noth- 
ing to do with the presence_pf any one element or specific group of 
elements. Nor is any particular substance to be considered an 
acid or a base in an absolute sense. Acidity and basicity are rela- 
tive terms indicating certain types of experimental behavior which 
may be exhibited by the vast majority of chemical compounds. 
Most of them may behave either as acids or as bases depending 
upon conditions. 

This theoiy makes posable a great increase in the amount of 
correlation possible in all phases of chemistry. It casts a flood of 
illumination over a wide area of apparently unrelated phenomena, 
from the corrosion of metals to catalysis in organic chemistry. In 
making such a statement, no claim of finality for the electronic 
theory of acids and bases is intended. No doubt the theory will 
be modified and improved. Nevertheless it seems evident that it 
can perform a useful function in chemistry. What this function is 
we hope to set forth more definitely in our conclusion (Chapter 13). 

This book attempts a systematic presentation of the relationship 
of the electronic theory of acids and bases to chemistry as a whole. 
Much of the material has been published by us previously, in a 
series of ten papers in the Journal of the American Chemical Society, 
the Journal of Chemical Education, and Chemical Renews. These 
papers have aroused so much interest that we have been encour- 
aged to reorganize and combine them with some new material to 
make this book. 
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We have tried to present the electronic theory of adds and 
}tTid its ramifications in an elementary maimer. Hie theory is of 
interest to all types of chemists, and the book has been written 
with that in mind. Three chapters (10, 11, and 12) contain de- 
tails on catalysis which are of most interest to orpnic chpii^, 
but if necessary they can be dapped without losing continuity; 

Chapter 9 gives the essence of their contents. 

One test of any new theory is: Does it offer a usable explanation 

which succeeds in correlating a larger number of experimental 
facts? We believe that according to this test the Lewis theory of 

adds and bases is successful. It does correlate a much larpr body 

of experimental facts. On the other hand, a new theory in order 
to be convincing must not depart too far from previously accept^ 
ideas. The wide interest in the Lewis theory indicates that it 

does not. . . -j j 

At the present time, then, the electromc theory of arads and 

bases seems to be the most satisfactory available. This is not to 

say that it is a final explanation. Like any other sdentific theory, 

it is not to be bdieved in, but merely to be used until a more m- 

dusive theory appears. . , ^ ^ rt 

In condudon, we express our gratitude to I^fessor G. Albert 

TTiii for reading our manuscript and for his advice and encourage- 
ment to Miss Amy F. Meserve for her assistance in the prepanv- 
tion of the manuscript, to Dean William C. White for his mt^ 
and to the editors of the Journal of Chemical Education, the Jw- 
nal of the American Chemical Society, and Chemical Benem for thar 
permission to use material first published in thdr journals. 

We wish especially to acknowledge our great debt to L 

Newton Lewis, who shortly before his death rpd 

and not only gave us the benefit of his suggestions and cntaciams 

but granted us the privilege of dedicating our book to him. 

W. F. Ltobb 

Savebio Zotfanti 
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1. Introduction. 

The fundamental nature of acids and bases has been an intri- 
guing problem for chemists since the time of Robert Boyle. The 
answer to the problem has been revised many times and is still 
the subject of considerable controversy. At present, there are no 
less than five competing theories of acids and bases! They may 
be listed as follows : 

1. The water theory (sometimes called the Arrhenius theory). 

2. The theor y of .solvent sv st^is fFranklin-Germann), 

3. The pr oton theory (B r0nst€d-Eowry).>^ 

4. The positive- negative the ory (TJsanovich). 

5. The electromc theory (G. N. LewS 

The mo&flamihar ol the five probably are the first three. The 

water theory of acids and bases was very widely accepted early in 
the century, though perhaps not so generally as we are inclined 
to think. For example, some organic chemists recognized sub- 
stances like pyridine to be bases regardless of solvent, and the 
metallurgists spoke of acidic and basic linings for refining processes. 
More recently the proton theory of acids and bases has been gain- 
ing adherents rapidly, while a few chemists have preferred the 
theory of solvent systems. 

But the fact is that none of these three theories satisfactorily 
explains more than a limited portion of the experimental behavior 
of acids and bases. For a long time an increasing amoimt of data 
has compelled realization of the fact that acid-base phenomena 
are far more widespread than is generally acknowledged. Those 
who have grasped this fact have already abandoned the water 
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theory. Yet neither the theory of solvent systems nor the proton 
theory is inclusive enou^ to cover all the data. 

The theory of solvent ssratems conforms to the experimental 
fact that there are many other substances besides those containing 
hydrogen which exhibit typical acid properties. But it makes 
the definitions of acid and base as tiddly dependent upon the 

solvent as does the water theory. 

The proton theory emphaazes the important fact that acid- 
base phenomena can be observed in any solvent or even in the 
absence of a solvent. It also takes into accoimt the experimental 
fact that there are many other substances besides the hydroxyl 
ion which exhibit typical basic properties. Yet it does not recog- 
nize the complementary data with regard 
of Br^nsted have maintained that only^substances 

acids. 





givmgupp 

We havft, then, 'Two independent and, in important features, 

contradictory theories of acids and bases. This situation seems 
to be due to the neglect of two factors: first, a portion of the experi- 
mental data, and second, the electronic theory of the covalent 

Probably such ne^ect was natural and even necessary in 
the early stages of the development of each theory. Possibly 
neitb«>r would have accomplished as much as it has without wme 
such limitation. However, as a result of this neglect, neither 

aivaa an insight into the fundamental nature of acids and 


il* 



One of the most powerful theoretical tools available to the 
chemist is the electronic theory of the covalent bond, which we 
owe primarily to G. N. Lewis. Lewis was also the first to suggest 
an electronic explanation of acid-base phenomena.^ The theory 
of the covalent bond is now almost universally accepted am<^ 
chemists, but the electronic theory of acids and bases until qmte 
recently been ignored where it has not been actively opposed. 

Lewis’s definitions of acids and bases do not depend upon the 
presence of any particular element. As he himself ^ints out: 
“To restrict the group of acids to those substances which contam 
hydrogen interferes as seriously with the systematic undera^d- 
ing of chemistry as would the restriction of the term oxidmng 

Lewis, Vaienee and the Structure o/ Atoms and Molecules, CSheinical Catalog 

CompAnyf New York, 1923. m- 

» Walden, Salts, Adds, and Bases, McGraw-HiO Book Company, New Yoric, 

1929. 
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agent to substances containing oxygen/^ ^ Another theory which 
starts from the same point is that of Usanovich, which will be 
considered below. 

From an experiin^tal standpoint, a substance that exhibits the 
properties of an a^!id should be called an acid, regardless of precon- 
ceived notions about the dependence of acidic properties on a 
particular element. Those properties have been agreed upon from 
the beginning. Yet many substances possessing them are not yet 
generally recognized as acids. This situation persists in spite of the 
fact that some of these substances were once called acids, when 
the principal criterion of an acid w'as its experimental behavior. 

Some of the properties by which acids w'ere recognized when the 
term first came into use were listed by Boyle ^ as follows: they 
dissolve many substances; they precipitate sulfur from its solu- 
tion in alkalies; they change blue plant dyes to red; they lose all 
these properties on contact with alkalies. These were recognized 
as the properties of aqueous solutions of acids. If the solution of 
a substance in water had these and other typical acid properties, 
the substance itself was known as an acid. Thus 



and s ulfxir trioxi de were called a cids because their solutions exhib- 
ited the properties common to all aqueous solutions^ acicfeT 

This strictly experimental approach was largely abandoned 
during the series of controversies which began ^nth Lavoisier’s 
attempt to make oxygen the necessary constituent of all acids. 
After Daw, had shown that some acids do not contain oxygen, 
hydrogen became the “acidifying principle.” Davy himself wTOte 
in 1814 that “Acidity does not depend upon any particular elemen- 
tary substance, but upon peculiar arrangement of various sub- 
stances.” ^ We shall see how nearly correct Davy was. But 
Liebig successfully maintained the hydrogen theory against Ber- 
zelius by defining an acid as any substance that contains easily 
replaceable hydrogen atoms. 

With the advent of the Arrhenius theory of ionization, an acid 
was defined as a hydrogen compound ionizing in water solution to 
give hydrogen ions. A base was a hydroxyl compound which would 
give hydroxyl ions in water solution. The reaction between an acid 
and abase — i.e., neutralization — would produce a salt and water: 


HA + BOH 

add base 


BA H 2 O 

salt water 


»Le\ns, J. Franklin Inst, 226, 293 (1938). 
*HaU, J, Chem. Education, 17, 124 (1940). 
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These definitioiis were quite generally adopted in spite of 
efforts of several investigators to show how inadequate they w 
The emphasis upon ions in chemical reactions was at its heij 
A physical chemistry textbook of the period, as quoted by P 
and Flandere,® contained the statement, “We have already reac 
a point where we can say that nearly all, if not all, chemical reac- 
tions are due to ions, molecules as such not entering into chemical 
action.” In this atmosphere the work of Collie and Tickle,* 
Hantzsch,^ Folin and Flanders,* and Lapworth * was largely over- 

Collie and Tickle,* in their paper published in 1899, suggested 
that oxonium salts are similar to ammonium salts. They referred 
to “such bases as those of the pyridine series” and even spoke of 
the “hypothetical base oxonium hydroxide, OH3OH.” H^tzsch 
noted the baac action of water, methyl alcohol, and dimethyl 
ether in anhydrous sulfuric acid. Folin and Flanders, in a paper 
published in 1912,® reported the titration of a large number of 
acids in such solvents as benzene, toluene, chloroform, and carlwn 
tetrachloride. They used sodium ethoxide and sodium amomde 
as bases and phenolphthalein as an indicator. They noted that 
weak acids which cannot be titrated in water give exceUent r^ts 
in organic solvents. Even hydrogen sulfide was titrated. They 
found their solutions of acids practically non-conductmg and in- 
cluded that very few ions were present. (This condusion ^ 
been supported by the work of Fuoss and Kraus.*) C^bondioxide 
could not be titrated in either chloroform or benzene, a jesid* 
which seems to agree with Lewis’s statement that carlmn dicrade 
is a “secondary” acid (Chapter 3). The most striking thmg about 
their ^^^ppeaii in a footnote in which the authom mention 

that mercuric chloride can be titrated with phenolphMem and 
sodium ethoxide in the same manner as any other acid, but toey 
failed to draw the logical conclusion that mercuric cUonde mi^t 
be an acid. Lapworth was one of the first to attack the Arrhemus- 

» Folin and Flanders, J. Am. Chem. Soe., 34, 774 (1912). 

• Collie and Tickle, J. Chem. Soc., 76, 710 (1^)- w fifi. 41 

^ Hantasch, Z. phvsik. Chem., 61, 257 (1908); Han^ 

(1909); Hantasch, Z. Eleetroehem., 24, 201 (1918); Hantasch, ibuL. 39, 221 

• LaDWorth, Chem. Soc., 107, 857 (1915). ir— ««. 

. IS Krans. /. Am. Chem. Soc., 66, 2387 (1933); 

« 5 *«ia T.«d«r. P. B. Knma. C. A. Kraus, and Fuoffi, ibid.. BS, 
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Ostwald theory of the catalytic activity of acids. However, these 
and similar investigations failed to make much impression imtil 
the concept of the covalent bond began to reduce the overemphasis 
upon ionic reactions. 

With the growing clarity of the electronic theory of valence, 
the inadequacy of the water theory of acids and bases was increas- 
ingly recogmzed. Even more important was the large amount of 
work undertaken with solvents other than water. It soon became 
evident that a cid-base phenomen a could also be observed in npn- 
aq ueous solvents . Alany n on-aqueous solven ts are incapable of 
iomzmg as water does, and many of the so-called organic bases 
are also non-ionic, e.g., pyridin e. Even when ions are produced 
in non-aqueoxis solvents by the reaction of compounds that had 
gradually come to be recognized as bases, the anion, of course, Ls 
not the hydroxyl ion. Tw'o alternatives seemed available: (1) to 
m ake the definitions independent of solven t, but to retain hydro- 
gen as the one essential element; or (2) to make the definitions 
independe^^f a^^articular element, but to tie them very 

- _ .ill wWch the phenomena were obs^yy^. 
We shall consider the proton theory first. ' “ 

2. One-Element Theories of Acids and Bases. 


Before discussion of the Br0nsted-Lowry theory a few words 
about an earlier one-element theory may not be amiss. The first 
one-element theory was apparently due to Lavoisier. Oxygen was 
supposed to be necessary for the manifestation of acidic prop- 
erties. Later it became evident that some substances that do not 
contain oxygen are nevertheless acids. Instead of concluding 
with Davy that no particular element is responsible for acidity, 
most chemists of the time, in spite of the opposition of Berzelius' 
gradua^y s^-ung over to the view that hydrogen was essential to 
an acid. Now, one hundred years later, we find ourselves in the 

position of having to give up an element, except that it is 
hydrogen we must give up instead of oxygen. 

overwhelming trend toward hydrogen as the 
aci^ymg prmciple,” some remnants of the theory of Berzelius 
per^ted— for example, the use by metallurgists of the term “acid” 
to denote oxides such as silicon dioxide and the term “base” for 
oades like calcium oxide. Berzelius, as a consequence of his 
theory of valence, classified oxides as acids or bases. Further- 
more, the theory provided a method of predicting the rellLe 
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strenKths of aruL» or ha^**^.** like iwxlium oxide were aup* 

pui'^xl to lx* Ixx'aaHe of the high powtive rharge on the 

metal of the comhination. The negative charge in uxidoi wm 
supprxxxl to lx* clue to oxygen, and the acidity of ackla wa* due to 
the high negative charge of the oxygi*n compared to the weaker 
positive charge of the non-metaihe constituent, such as sulfur or 
carlx>n. Thereforr*, acids with a higli proportion of oxygen ahould 
be strong. For example, sulfur trioxide should be a stronger acid 
than sulfur dioxide. This prediction is in accord with the experi- 
mental facts, as we shall .see later, but development along thk 
line was halted becau.se of the inadequacy of the theory of valefMx 
upon which it depended. 

WTien Berzeliu-s’ theory of valence was discarded, primarily aa 
the resoilt of Faraday ’.s discoverj* of the laws of eleetrolysw, the 
theory of acids and bases founded upon it also had to be aban- 
doned. Doubt had already been cast on it by Davy’s demonstra- 
tion that hydrochloric acid did not contain o.xygen. There was 
no doubt of the acidity of hydrochloric acid; so, still thinking in 
terms of an elementarv* acidifjnng principle, many chemists came 
to regard hydrogen as the one element necessary for acid prop- 
erties. Ideas regarding bases did not become so definite until the 

adv’ent of the proton-donor theory. 

The modem one-element theory of acids and bases is usually 

credited to Brpnsted and LowTy. They proposed the proton 
theory independently in 1923. But G. N. Lewis, who set forth 
his electronic definitions of acids and bases in the same year, also 
explained the proton-donor concept as a special case of his broader 
theory.* Accordin g to the proton theory , an aciddonat^^_Brojon 
to a base, and a baan.ac<»pte-fr-prot^Jroi n an acid ^ The anjL/ 
aJd^base may be either compo unds or io ns, as shown in the lol- 

lowing~CTamples : TZ—ZT 

HCl + — NH4CI 

ftod ban 


+ OH 

•ad 


NH 


This picture of acid-base reac^ makes them independent of 
solvent, as is shown in the first equation, and eliminates the arti- 

•• Palmer, Valency: CUueical and Modem, Cambridge Umvenrity Pn*. 
Cambridge, England, 1944. 
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ficial connection between acids, bases, and salts, as is shown m the 

second equation. , 

Since any group of atoms that gives up a proton is caUed an 

acid, acids may be cations, anions, or neutral molecules: 

f 1 

NH4+‘ + C2H302~^ HC2H3O2 + NH3 

HS 04 -" + OH-^ HOH + S 04 -^ 

HCl + C5H5N C5H5NHCI 

acid base 


Bases also may be cations, anions, or molecules : 


Co(OH)(NH3)5+=* + H 30 +^ 


Co(H20)(NH3)5+^ + H 2 O 


C2H302"^ + H2O ->■ HC2H3O2 + OH 


— 1 


C2H5OH + HCl 

base acid 


C2H50H2+^ + Cl 


— 1 


When an acid gives up its proton, the residue must be a base, 
since it can retrieve a proton. The acid and base thus related 
are called a conjugate system: 


acid 

Ai 


NH3 + 




This equation does not represent an actual reaction, since none 
takes place unless a base is present to accept the proton, e.g. : 

H+ + OH-^ ^ H2O 

base acid 

Bt A, 


Addition of these two equations gives 

NH 4 ^^ + OH-^ HOH + NH 3 

add base add base 

Ai Bj Aj Bi 


The reaction involves two conjugate pairs. Probably the most 
direct way of describing what happens in such a reaction is to 
say that the two bases (NH3 and OH~^) are competing for the 
proton. 



g HISTORICAL B4^CKGROUND 

When we consider the familiar types of acid-base phenomena, 
•aieh as ionization and hydrolysis, we find them all described by 


type 


At "I" B2 A2 


shown in the following equations: 
Ionization: . . _ 

HCi + H2O H 30 +‘ + a 

strode ftod in wnttf 


— 1 


HC2H3O2 + H2O ^ H3O+* + 030302 ^ 

Bad in water 


HOH + NH3 ^ NH4'’’' + OH 

wetik. base in water 


— 1 


a + C3H5OH 

HCI in aleohol 


C2H5OH2+' + a-‘ 


— 1 


Hydrolyas: 

H*0 + CaH 302 “* ^ HC 2 H 3 O 2 + OH 

liyaralyaiB of aodiuin aoctete 

NH 4 +I + H 2 O 5=i H 3 O+' + NH 3 

liydiotyaia of ammnninm chloride 

One method of comparing the strengths of mads 
y of the equilibrium constant: 

[Ail X m 

^ " [All X [B 2 I 


bases is 


erample, for molecular acids in wnter ^ ^ 

a expression equivalent to that of the water theory 


nun 


reduces 


A+H20?^H30+‘ + B 

rrr >< ^ 

K = K'X IHaOl 

identical with what was prcvioudy called the liyaioi- 

NH4^‘ + H*0 ^ HsO+‘ + NHa 


ysoB oomHtant 
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A strong acid (HCl) must have a weak conjugate base (Cl ^); 
conversely, a weak acid (HC2H3O2) must have a strong conjugate 
base (C2H302~^)- The relationship between an acid and its con- 
jugate base makes it unnecessaiy to list basic dissociation con- 
stants. For example, for ammonia 



[NH 4 +^] X [OH~M 
[NH3] 


but 


^ [NH4+M X [OH-^] 
~ [NH3] 


Rw 

[HgO+^l X [OH 


— 1 


[HaO+^l X [NH3] Ka 


where Ka refers to the amm onium ion. 

This method of comparing the strengths of acids according to 

the extent of reaction with the solvent cannot be used for all 
solvents. If the solvent is inert, e.g., a hydrocarbon, other methods 
must be adopted. Some of them will be discussed later. 

The proton theory of acids and bases recognizes the existence 
of a large number and variety of bases, both molecular and ionic : 
hydroxyl ion, amide ion, ethoxide ion, piperidine and other amines, 
alcohols, ethers, acetate ion, hydrosulfide ion, cyanide ion, bisul- 
fate ion, ketones, and many others. It also recognizes that acid- 
base phenomena do not depend upon the solvent. But its great 
weakness is that it ignores a large body of experimental data by 
restricting the use of the word acid to proton donors. For a time 
the only alternative to the proton theory seemed to be the theory 
of solvent systems. 


3. The Theory of Solvent Systems. 

The development of the theory of solvent systems was begun 
by Franklin in 1905 .^^ Reasoning from formal analogy to the 
hydrogen ion-hydroxyl ion theory he defined acids and bases in 
liquid ammonia. According to his theory, if water ionizes into 
hydronium and hydroxyl ions, liquid ammonia must ionize into 
ammonium and amide ions; 

2H2O ^ H30+^ -i- OH-" 

2NH3 NH4+^ + 

Franklin, J. Am. Chem. Soc., 27, 820 (1905). 
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Substances like ammonium chloride are adds, and subetances fike 
sodium amide am bases, in liquid ammonia. Ammonia solurions 
of acids and bases neutralize each other just as aqueous soluticoB 

do. For example : 


OHaa + NaOH 
NH4a + NaNHa 

add 


aCl + 2H2O 
aC 3 . 2NH3 

aaU 


other characteristic properties of acids and bases, sudi as the 
reaction of acids with metals and of bases with non-metals, 
observed- The similarity between ammonia and water solutions 

was dononstrated very widely.^* Acids like B(OH)3 and 

were compared, and the latter was called an amm<^ amdL BiN 

reacts with NH4I in ammonia to form Bilg and 1 '^®® “ 

water BbO, leacte with HQ to ^ BiCl, 
havior of Zn (NH2)2 in ammonia is analogous to that d 
in water. Both are insoluble, but the addition of KNHa and 
KOH, respectively, brings them int^solution. ZnCNHaJs » 
amphoteric in the same way that 


Zn(OH )2 + 2KOH K2Zn(OH)4 


Zn(NH2)2 + 2 KNH 2 


,Zn(lSrE[ 2)4 


etals evolve hydrogen when reacting with dther hydronimn 


Since 1 

ions in water or ammonium 

2H30+‘ + Mg 
2NH4'*'^ + Mg 


ammonia 

,+2 4- 2H 


2 NH 3 


it appeared that the acid properBea of both the hpdionii mi ^ 

Ae ammoeium iops must be due to the^top. 

then arose whether the idea of the solvent system could be twhed 
to trvstems in which no protons were present. 

Steady and Bsey. Jander. WiAert, ^ee 

extended the solvent system theory of acids and ba^ 



« FrankHn, Am. Chen. J., 47, 285 
46, Franklin, The Nitrogen System of Compounds, 

Pab Mun, S«=. *7. 2276 (1225): <5»w«a, 

aid., 47, 2461 (1925); Seienee, 61, 70 (1925). 
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by metallic chlorides such as calcium chloride. Germann assumed 
that the aluminum chloride forms with the solvent a complex 

which he called a solve acid : 

COCI2 COC1+* + ci-‘ 


ionisation of the solvent 

AICI3 + COCI2 COCl+^ + AlCU-^ 

The concentration of the solvent cations has been mcreased by 
the addition of the acid (aluminum chloride) ; hence the reaction 
of the solution with a me^ is more rapid than that of the solvent 

Ca + COCl+^ Ca +2 + CO + Cl~^ 

This is analogous to the reaction in water: ** 


Ca + 2 H+^ 


Ca+=' + H2 


Germann’s definitions of acids and bases were simplif 
nrifl Elsey,^® who defined an acid as a solute that 
cation characteristic of the solvent, and a base as a 
gives rise to an anion characteristic of the solvent. 

Jander “ and co workers used these last definitions 
the results of their work with liquid sulfur dioxide 
Thionyl chloride is acidic, tetramethylammonium su! 
and aluminum sulfite is amphoteric in liquid sulfur d 
ization of this solvent gives thionyl and sulfite ions: 


2 SO 


SO+2 + SOa"^ 


The neutralization of thionyl chloride by tetramethylammoniiun 
sulfite in this solvent is represented as follows (assuming that 
neutralization is the formation of salt and solvent) : 


SOCI2 + [(CH3)4N]2S03 

acid base 


2(CH3)4NC1 + 2 SO 2 

Balt solvent 


The amphoteric behavior of AI2 (803)3 ^ sulfur dioxide is analo- 
gous to that of A1(0H)3 in water. Each contains the negative 
ion of the respective solvent. Aluminum sulfite, which is insoluble 
in sulfur dioxide, dissolves on addition of either thionyl chloride 


“ No doubt both positive ions and CX)C1"*’^) are solvated, but we as- 
sume this to be understood. Therefore we shall indicate this solvation only 
when showing it is necessary for clarity in our discussion. 

“ Cady and Elsey, Chem, Education, 6, 1425 (1928). 

^ Jander and Mesech, Z. phf/sik. Chem,, A183, 255 (1939)^ also see preceding 
papers in this series. ‘ 











































THE POSITIVE-NEGATIVE THEORY ^ 

The strength of the solvent-systems theory lies in its emphasis 
upon the fact that acid behavior is not confined to solutions con- 
t^g proton donors. The advocates of the theory have demon- 
strated that, although their acid solutions do not contain protons, 
they show all the typical experimental behavior of aqueous solu- 
tions of hydrogen acids. The weaknesses of this theory are two : 
fiist, the limitation of acid-base phenomena to solvent systems; 
and second, the emphasis upon ionization as the most important 
factor in acid-base properties. Probably the first followed from 
the second ; at any rate, many investigators “ have shown that 
ionization plays a far less important role than is indicated by the 
solvent-systems theory. It would appear that this theory de- 
scribes only one aspect of the nature of acids and bases : namely , 
their reactions with amphoteric solvents and the projierties of the 
resulting solutions. We are most familiar with these properties 
since they are most easily observed. A reluctance to go beyond 
them is readily understood, but for many chemists the Br0nsted 
theory has overcome t his reluctance, at least with respect to bases. 
But the Br0nsted theory admits of no acids other than proton 
donors. As the proponents of the solvent-systems theory have 
shown, this limitation does not correspond to the exjjerimental 
facts. If the experimental approach is to prevail, it is improper 
to go on saying — as Meerwein,*^ Shatenstein,*® and others do — 
that certain substances are “acid-analogous” because of their 
properties but are not acids because they do not contain hydrogen. 
Br0nsted is imdoubtedly correct in attributing acid-base prop- 
erties to the molecules themselves rather than to their solutions. 
In this respect the Br0nsted theory, as far as it goes, is closer to 
the experimental facts than the theory of solvent systems. Just 
as important is Br0nsted’s view that acids and bases are not 
necessarily ionic. 

4. The Positive-Negative Theory. 

Any attempt to reconcile these two contradictory theories of 
acids and bases must involve a deeper insight into their funda- 
mental nature. One such attempt has been made by Usanovich.** 

” See references 5-8; Hammett, J. Am. Chem. iSoc., 60, 2666 (1928); Ham- 
mett, Chem. Revs., 13, 61 (1933); Hantzsch and Voigt, Ber., 62B, 970 (1929); 
LaMer and Downes, Chem. Revs., 13, 47 (1933); Wynne-Jones, J. Chem. Soc., 
1930, 1064. 

” Meerwein, Ann., 466, 227 (1927). 

*• Usanovich, J. Gen. Chem. U.S.S.R., 9, 182 (1939). 
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6. The Electronic Theory of Acids and Bases. 

An earlier attempt to reconcile the proton and the solvent- 

systems theories was made by G. N. Lewis in 1923.* 
speaking, it was not an attempt at reconciliation, since both 

theories were proposed independently by Lewis as special cas^ 
of his more general and more fvmdamentaJ theory. Brpnsted and 
Lowry presented their ideas in the same year, but the general 
form of the solvent-systems theory came several years later. The 
conflict between the two theories has gone on, although the solu- 
tion to the problem has been at hand since 1923. Each theory 
was consistent as far as it went, but each was merely part of the 
whole picture. The inclusion of both into one clear, simple, and 
fundamental theory was accomplished by Lewis largely because 
he founded his theory firmly upon experimental facts, allowing no 
preconceived notion of the necessity of a particular element ^or 
of the desirability of emphasizing ions or the solvent to in- 
terfere. 

Lewis chose four familiar experimental criteria as the basis of 
his definitions of acids and bases. The four “phenomenolo^cal 

criteria” are: 

I. Neulralizaiion. Acids and bases may combine more or less 
rapidly with each other. 

II. Titration with Indicators. Acids and bases may be titrated 
against each other by the use of substances, usually colored, 

known as indicators. 

III. Displacement. An acid or base will in general replace a 

weaker acid or base from its compounds. 

IV. Catalysis. Acids and bases frequently act as catalysts. 

All four of these characteristics must be displayed by a particular 
substance for classification as an acid or a base. However, in 
order to make the definitions as concise as possible, the first and 
second properties, neutralization and titration with indicators, 
are chosen for specific mention. Adds are substances which, like 
hydrogen chloride, neutralize sodium hydroxide or any other base. 
Bases are siibstances which, like sodium hydroxide, neutralize hydro- 
gen chloride or any other add. Many substances are capable of 
acting in either way and are called amphoteric. 

These definitions include both the Br0nsted and the solvent- 
systems theories as well as the water theory. The fist of bases 
according to the Lewis theory is identical with that according to 
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the Br0nsted theory, and all the substances recognized as acids 
by the solvent-systems theory are included. A simple experiment, 
first suggested by Lewis,® strikingly illustrates the application of 
these definitions. It is only one of many that can easily be per- 
formed (see Chapter 7). Crystal violet is an indicator which 
gives the same color change in different solvents. When soditiin 
hydroxide is titrated against hydrochloric acid in water, with 
crystal violet as the indicator, the solution is yellow when stron^y 
acidic and violet when basic. Psnidine and triethylamine can be 
titrated in a similar manner against hydrochloric acid and are 
therefore bases. If pyridine is dissolved in so me compar atively 
inert solvent, such as ch lorobenzen e, the same viole t, color is 
observed when crystal violet is added. Now, if bor on trichlori de 
or stannic chloride is added to the basic pyrid ine solution, the 
color changes to yellow. Thus, bor on trichlori de and stannic 
chloride are aciddr If triethylamine, acetone, or any other fairly 
strong base is added, the color changes back to violet. Similar 
titrations can be performed in other solvents with other indicators 
and with many other acids and bases none of which contains 
hydrogen or hydroxyl ions. With the proper choice of solvent 
gnd indicator, all the substances that are acids according to the 
solvent-systems theoiy can be shown to be acids on this experi- 
mental basis (neutralization and titration). Displacemeut and 
catalysis reactions support this conclusion. Especially striking is 
the similarity in the action of acid catalysts such as alu minum 
and boron trichlorides, sulfur trioxide, hydrogen fluoride, and 
sulfuric acid. (Both displacement and catalysis will be considered 
in some detail in subsequent chapters.) All four of these experi- 
mental criteria provide ample evidence that there is an inherent 
difference between acids and bases. The difference is not depend- 
ent upon the solvent or upon the presence of a particular element. 

Therefore it would seem to involve a contrast in electronic con- 

« 

figuration. 

Searching for the property common to all acids, or that common 
to all bases, Lewis concluded that acids and bases correspond 
respectively to what Sidgwick later called acceptor and donor 
molecules.” Neutralization is the formation of the coordi^te 
covalent bond between the acid and the base. Such a definition 

“Sidgwick, The Electronic Theory of Valency, Oxford University Press, 

New York, 1927. v * 

•• The coordinate covalent bond will be discussed in the next chapter. 




The base donates a share in a lone pair of electrons to the acid to 
form the coordinate covalent bond between the two. Formation 
of the coordinate bond is ^ways to be considered the first step, 
even though ionization may subsequently take place. Examples 
of ionization will be considered in later chapters. 

Before discussing the consequences of these ideas further, let 
us now turn to a consideration of some of the more recent develop- 
ments in the theoiy of v^ence inasmuch as the ‘^rule of eight” 
in valence theory still has not been discarded by many chemists. 
For example, in order to imderstand why the covalent compoimd 
stannic chloride, a liquid much like carbon tetrachloride in phjrsical 
properties, is such a strong acid, we must become familiar with 
the limitations of the octet theory. This can be accomplished 
without reference to any theory of acids and bases. The following 
chapter deals with the rule of two which replaces the rule of ei^t. 
It also contains suggestions for the modification in writing elec- 
tronic formulas which must be made in adopting the newer ideas. 


general we shall refer to the ''hydronium ion” as the hydrogen ion 
and write its formula as wherever use of the formula does not add 

to the discussion. 
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1. Introdnctiaii. 

One of the most powerful tools available to the chemist is the 
electronic theory of valence. Still it is not yet being used g^- 
eially to full advanta^. The two principal factors respon^le 
for the delay seem to be reluctance to abandon the rule of ea^t 
and failure to make use of the concept of atomic orbitals. 

Ever since the proposal of the theory of the covalent bond by 
G. N. Lewis in 1916, it has been obvious that there are numerous 
compoimds which do not “obey” the rule of eight, which was 
strongly emphasized by Eossel and Langmuir. However, demen- 
tary textbooks have stressed it so thoroughly that the rule of ei^t 
is still generally accepted by those unfamiliar with the recent 
literature in the field. 

The idea of atomic orbitals from elementsury quantum theory is 
now often presented sis an aid to the understanding of atormc 
structure but is still rarely applied to the problem of valence. It 
is the purpose of this chapter to show in an dem^taiy way how 
aban doning the rule of eight and applying the theory of atomic 
orbitals csm lead to fuller understanding of valence. In o^er to 
do this, some of the details, su<h as are involved in hybridization 
of orbits, for example, will be dther omitted or modified for the 
poira of simplidty. Some of the modifications explicitly proposed 
or implicit in the discusedon may &ve rise to objection on the 
ground th^ do not ^ve the complete picture. But, after 
all, we do not yet understand all the phenomaia of valence by 

any means. 


the RUIiE OF EIGHT 



2. Tlie Rtile of Eight 

The familiar dictum that in forming chemical bonds atoms gain, 
lose or share electrons to make the outermost sheU of each atom 
contain eight elections probably gained such general accep^ce 
because the majority of known chemical compounds ia made up 
primarily of elements in the first two rows of the periodic table. 
With but few exceptions, these elements do obey the rule of eight. 
The presence of carbon with its thousands of compounds seems to 
lend added support to the rule. ActuaUy, of course, the sheer 
number of compounds of any one element has no bearing whatever 
on the rule of eight. The carbon atom counts merely as one atom 
m the ten. But, even in these ten, two of the eight elements which 
do not already have complete valence shells refuse to obey the 

rule of eight, namely, beryllium and boron. 

There is little doubt that boron trichloride is a covalent com- 
pound and, therefore, that the boron atom in the compound has 
only six electrons in its valence shell (crosses represent original 

boron electrons) : 

;C1: 

B?ci: 

• X •• 

•m* 


Beryllium chloride also seems to be covalent, as shown by its high 
solubility in benzene. K the compovmd is covalent the beryllimn 
atom has foim outer electrons in beryllium chloride (the two 
crosses represent the two electrons from the beryllium atom) : 

:CUBe?Cl: 


When the third period is conridered, three out of seven atoms 
show “exceptions” to the rule of eight: aluminum, phosphorus, 
and sulfur. Aluminum chloride, phosphorus pentafluoride, and 
sulfur hexafluoride are typical covalent compoimds. They must, 
therefore, contain six, ten, and twelve bonding electrons, respec- 
tively. 


:Ca: 

lijo: 

♦ X •• 

:g: 
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•T#>C1 


To be sure, AICI3 is associated to AlaCSe at low temperatures, 
but we adopt the custom of not showing association where it 
does not add to the clarity of the presentation. There is no more 
reason for habitually indicating the association of AICI3 than for 
continually writing dimeric formulas for those carboxylic acids 
that associate to double molecules. We diould not permit irrele- 
vant detsuis to confuse the chemical significance of an electronic 
formula. The formula should correspond as dosdy as possible 
with chemiad behavior. The dimeric formula for AICI3 obscures 
the principal feature of its chemistry. Confirmation of this state- 
ment will be evident in subsequent chapters. 

Upon proceeding further in the periodic table, many other exam- 
ples of covalent compounds containing sax, ten, and twelve elec- 
trons in the valence sheU may be found. Most of these are in 
groups ni, V, and VI of the representative elements (Rg. 2). 
Several occur in group VTI but will be discussed later. The exist- 
ence of iodine heptafluoride shows that fourteen electrons are 

>le in the valence shells of some atoms, 
vnoier violations occur also in the “related metals” (Fig. 2). 
Tungsten, in addition to the di- and tetrachlorides, forms 
penta- and hexachlorides, WQs and WCU. WBrs ^ and WBre 
^ also known. The low boiling point (19.5» C.) of WF« inic^ 
that this compoxmd is hexacovalent. In addition to the 
and tetrachlorides, molybdenum foims covalent compounds Irav- 

ing the formulas M 0 CI 5 and MoF*. Osmium fora^ a co^^t 
hexafiuoride (b.p. 205“ C.) and also an octafluonde, (^Fg, a steble 
tyracaUy covalent compound having a boihng point of 47.3 C. 
is one compound at least having twice the number of bondmg 

electrons permitted by the rule of eight- 

The examples given above have included only compoun^ com 

t^g simple covalent bonds. C^r^tion “f 

metal carbonyls offer many more “violations of the ^e of e^ • 
Other examples in which some electrons are not 1 ^ 
elections (analogous to the lone pair m ammoni^ valaices 

cussed subsequently. Turning to a consideration of the valaices 

. In view of the rarity of penteeovalency. doubt nuiy artie 

tal-etnicture measurements are maoe. u w 
verse order of boUmg points would be expected. 
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of the “related metals” (Fig. 2) when acting as positive ions, we 
finH that not one of the many positive ions formed conforms to 
the rule of eight. In none of them does the loss of electrons leave 
a completed shell of eight electrons. This fact is largely obscured 
in the older t 3 rpe of eight-column periodic chart but is very obvious 
in Fig. 2. 

Most of the evidence illustrated by the compounds just dis- 
cussed has been largely neglected in most textbooks. A few such 
compoimds have been considered by them, e.g., phosphorus penta- 
chloride and sulfur hexafluoride, and various devices have been 
adopted in the attempt to force compliance with the rule of eight. 
One was the hypothesis of single-electron bonds in such compounds 
as phosphorus pentachloride and sulfur hexafluoride. It is no 
doubt true that one-electron bonds do exist in a very few com- 
pounds. The hydrogen-molecule ion is evidently held together 
by one electron, but the bond is much weaker than the electron 
pair even in this, the most favorable case. If one-electron bonds 
exist in the boron hydrides, th^ are still weaker, as shown by the 
instability of their compounds. To maintain eight valence elec- 
trons for the sulfur atom in the hexafluoride would require four 
one-electron bonds which (because of the large size of the sulfur 
atom compared to hydrogen or boron) would be far more unstable 
than those in boron. Yet sulfur hexafluoride is one of the most 
stable compounds known.® In spite of this conclusive evidence, 
it has been claimed ® that parachor measurements indicate the 
presence of one-electron bonds in such compounds. But, as 
pointed out by R. Samuel, the parachor may lend itself equally 
well to different schemes of valence, depending upon the original 
assumptions.^ Additional exceptions to the rule of eight will be 
considered in more detail below. 

Abandoning the rule of eight would seem to be the first step in 
acquiring the fuller understanding of valence made possible by 
the progress in our knowledge of atomic structure. 

3. Atomic Orbitals. 

According to the quantum theory, the periodic system can be 
regarded as being built up from hydrogen by adding one proton 

* Kine1 4us and Anderson, Modem Aspects of Inorganic Chemistry, D. Van 
Nostrand Company, New York, 1939. 

* Sugden, The Parachor and Valency, F. S. Crofts and Co., New York, 1930 

« Samuel, J. Chem. Phys., 12, 180 (1944). 
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at a time (plus the required number of natrons) to the nudeus 
and one electron at a time to the atom outside the nudeus* From 
the periodic table and spectroscopic data it is deduced that the 



Fio. 1. 

eiectrooa amoge Ihemadves in main levds and aublevds in a 
regular way, as shown in Fig. 1. Figure 1 is a plot of ^projdinate 
r^ative oieigy levds.* Each circle repreeents one atomic oibi^ 
On each circle may be regarded as a box that can be occupied 

*Paafii« Tht ffatmn tf «*• Chmmeat B am d , OoracO Univmty PkSBB, 
lUises. New ToA. lOS. 
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either by one electron or by two electrons spinning in opposite 

directions. • • i 

The numbers in Fig. 1 are different values of the pnncipal 

quantum number n. Each main level is designated by one value 

of the principal quantum number. The letters s, p, d, f correspond 

to the values 0, 1, 2, 3 for the orbital quantum number I, which 

determines the “eccentricity” of the orbital. The difference in 

eccentricity leads to sublevels in the main levels. Both types of 

numbers must be used in the equations for the energy of the 

orbitals. The orbital quantum number has a series of values for 

each value of n: ^ = o, 1, 2, 3 • • • n - 1 

For example, in the third main level (n = 3) there are three sub- 
levels (1 = 0, 1, 2) designated 3s, 3p, 3d. From spectroscopic 
data obtained when the atoms are placed in a magnetic field it is 
found that s sublevels always contain one orbital, p sublevels 
alwa^ contain iJiree orbitals, d sublevels contain five orbitals, 
and / sublevels contain seven orbitals. It is obvious from Fig. 1 
that in the upper energy levels there is considerable overlapping 
of main levels. Furthermore, some of the closer levels apparently 
interchange occasionally. The interchange is indicated by vertical 
lines joining the sublevels involved. 

In general, the electrons occupy the lowest energy levels first. 
One electron goes into each orbital in a given sublevel (one line 
in Fig. 1) until each of the orbitals in that sublevel is occupied by 
one electron. When every orbital in a given sublevel contains 
one electron, then, and only then, they begin filling up with two 
electrons in each orbital. Two electrons in an orbital are said to 
be coupled or paired. Supposedly, the opposite spins of coupled 
electrons result in electromagnetic attraction more than sufficient 
to overcome the repiolsion of like charges. 

The way in which electrons are added to the orbitals can be 
made clearer by considering some examples from Fig. 2. From 
the chart the electron configuration of aluminum is seen to be 

13AI 2^ 2p* 3s=* 3p 


where the superscripts represent the number of electrons in each 
hind of orbital. If we wish to use the superscripts to represent 
the number of electrons in each orbital, the three 2p orbitals must 
be separated as follows : 

13 AI 1*2 2s 2 2p2 2p2 2p2 3s* 3p 




Publithed owrf oopyrightid by W* Af» W^doh Oou Chicago 
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Remembering that the orbitals take electrons one at a time until 
each orbital in a given sublevel has one electron in it before cou- 
pling begins, we take the electron configurations from the c^rt 
and write them as follows (writing the 2p orbitals together since 

there is no change in them) : 

i 4 Si Is^ 2*2 2p® 3s^ 3p 3p 

isP 2s^ 2p® 3s^ 3p 3p 3p 

leS Is^ 2^ 2p® 3p2 3p 3p 

17 CI 2^ 2p® 38^ 3p^ 3p^ 3p 

Note that phosphorus has three impaired p electrons, but that, 
since there can be only three p orbitals, sulfur has only two im- 
paired electrons and chlorine only one. 

We now make a slight modification in the usual way of 
writing electronic symbols. The five atoms just discussed may be 
written as follows: 

:A1. :Si* :P- :S: :C1: 


Sihcon 

Phosphorus 

Sulfur 

Chlorine 


Written in this way, the symbols indicate the paired and impsured 
electrons of the valence shell. For example, the sjnmbol for phos- 
phorus now shows the two paired 3s electrons and the three im- 
pmred 3p electrons. 

For tbose elements which have ttoo incomplete shells (main 
levels), i.e., most of the “related metals” (Fig. 2),® valence bonds 
to other atoms often involve both shells. The original Lewis con- 
ventions provided no way to represent such atoms, but if the rule 
of eight is abandoned and the convention just proposed is adopted, 
the method is obvious. Dots representing tiiie electrons in both 
shells should be used, regardless of how many may be required. 
No distinction between the two energy levels need be made since 


they are so close together, even closer than indicated in Fig. 1 . 
The vertical lines on the right of Fjg. 1 joining the 4s with the Sd, 
the 5s with the 4d, and the 6 s and 4/ with the 5d sublevels are 


used to indicate that there is practically no difference. Actually, 
these levels may interchange in different atoms. 


‘ Luder, J. Chem. Education, 20, 21 (1943). 
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From ¥ig, 2, we see that manganese has the electron configuiar 

zsMn 2^ 2p» Ss® 3p® 3d 3<i 3d 3ci 3d 48^ 

The valeace electrons are obvioudy the two paired 4s electrons 
and the five single or unpaired electrons, wilii practically no dif- 
ference in energy among the seven. The electronic symbol would 

be . . 

:Mn» 

with two dots close together for the paired 4s dections and the 
other five far enough f^art so as to represent five unpaired elec- 
trons. For iron 


3d2 


the electronic symbol would be 


Fe 


showing dght electrons, four paired and four sin^e. For cobalt 
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3d2 3d2 3d 3d 3d 4s=* 


the electronic symbol would be 


:Co 


showing nine electrons, six paired and three single. For nickel 

asNi ls2 2 ^ 2p*3s» 3p* 3d* Sd® 3d2 3d 3d 4s* 

the electronic symbol would be 

a a • • 

:N i- 

• a • 

showing ten electrons, d^t paired and two sin^e. Coppra wffl 
be taken up later, since its consideration involves a discussion of 
its valence. With sine there is again only one level in the valence 
sheD, of the two 4s dectrons. The 3d orbitals are now 

fully occupied- , . . 

The advantages of writing dectronic symtols m i*e manna 

suggested will become more fully i^parent with the discussion of 

^“r^^^Lnmarise: (1) The orda in which atoms are buflt up by 
the addition of dectrons to the correspondi^ 

2». 3s. 3 p. (48, 3d), 4p, (Ss, 4d), 5p, (fis, 5d, 4f), 6p, 7s, fid, accord- 



the origin of valence 

ing to Rg. 1. (The parentheses correspond to the short vertic^ 
lines joining the same levels on the right side of the figure. Both 
devices emphasize that these levels have about the same 
and may even change their order in different elements.) (2) AH 
the orbitals in a given sublevel must contain one dectron apiece 
before pairing of spins begins to complete the orbitals with two 

electrons in each. (3) Electronic symbols should be 
showing all paired and impaired electrons in the valence shell. 
Since in many atoms the valence shell includes electrons from two 
energy levels, as many as twelve dots may often be required. 

Occasionally more will be needed. 

4. The Origin of Valence. 

When we turn to a consideration of chemical compounds, a 
natural assumption to make as a starting point is: Uncompleted 
orlriUds in one atom may he fMed by electrons from another atomJ 
This filli'ng of orbitals may be done by loose electrons (resulting in 
electrovalence) or by electrons that remain in the other atoms 
(resulting in covalence). 

The rule of eight is replaced by the rule of two. Both electro- 
valence and covalence are due to pairing of electrons to fill incom- 
plete orbitals. Since it is only for n = 2 that the maximum num- 
ber of electrons is eight, the two rules are equivalent only for the 
second period. For the third period, n = 3 giving nine orbitals, 
holding a maxiTnnm of eighteen electrons. Considerations of 
charge anrl space, in addition to an insufficient number of elec- 
trons, show that this number is not approached in the third period 
except by compounds such as phosphorus pentafluoride and sulfur 
hexafluoride and by ions like AlFg”® and SiFe”^. In this period 
and the later ones, the number of electrons in the valence shells 
of the atoms in molecules may seem at first glance to be quite 
unpredictable, but the rule of two in conjunction with a table of 
electron configurations often will solve the problem. Several 
examples will now be considered under the separate headings of 
electrovalence and covalence. 

The only rule to be followed is that uncompleted orbitals in one 
atom may be filled by electrons from another atom. It is called 
the rule of two because a completed orbital contains two electrons. 

* Many readers will immediately recognize that the discussion owes its 
origin primarily to London {Z. Physik, 46, 455 [1928]). However, they will 
also note certain modifications as the argument prooeeds. 
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6. Electrovalence* 

Since substitution of the rule of two for the rule of eight makes 
no difference as far as the electrovalences of the representative 
elements (Fig- 2) are concerned, they will not be discussed here. 
Neither will the rare earths be considered. Readers interested in 
the rare earths may consult the Journal of Chemical EducaHon 
for an article by Pearce and Selwood.® 

One fact should be mentioned before we proceed with a brief 
discussion of the related metals (Pig. 2). Practically no mona- 
tomic negative ions have a charge greater than — 2. Very few 
monatomic positive ions have a charge greater th a n +3. For 
example, we are accustomed to think of “stannic ion” as having a 
valence of +4, but actually, there is no such thing as a stannic 
ion in pure stannic chloride, a typical covalent compound. Elven 
in water, the stannic ion has no existence as a monatomic ion with 
four p<^tive charges on it. Apparently, insufficient energy is 
involved in ordinary chemical reactions to build up charges greater 
fLan —2 or +3. According to Coulomb^s law, the siae of the 
atoms involved must also have an important bearing upon the 
formation of ions, so that beryllium, a sm all atom, does not show 

much tendency to form an ion. 

The rule of two centers attention on those atoms in a molecule 
that are completing their orbitals in the combination, and so it 
does not add much to a discussion of the related metals as positive 
ions. However, it might be well to point out that the rdated 
metals do not violate the rule of two as they do ^e of 
As mentioned previously, none of the many positive ions of these 
metals conforms to the rule of eight, but the rule of two does not 
specify the nature of the positive ion. The number of dectrons 
removable to complete the orbitals of some other atom is deter- 
mined by aze and charge as well as by the numbers of unpaired 

electrons. 

For example, the electronic configuration of iron is 

aeFe 28^ 2p« Ss^ 3p® SoP 3<i 3d 3d 3d 

and the electronic s 3 rmbol showing electrons from both incomplete 
as valence electrons is 

:Fe- 

• • 

» Pearce and Selwood, J. Chan. Edueatum, IS, 363 (1936). 



COVALENCE 

It is easy to remove two electrons (suppose we say two of the 
unpaired 3d electrons) to give the ferrous ion, a little more di 
cult to remove a third one, and impossible because of the large 
electrical field to remove the fourth electron by ordmary chenucal 
means. Most of the ions of these metals are left with unpaired 
electrons, as is shown by their color and paramagnetism. 

6. Covalence. 

When atoms complete one or more orbitals to form covalent 
bonds, the number of pairs shared between them depends upon 
various factors, including: (1) the number of unpaired electrons 
in each atom, (2) spatial considerations. Bearing the second fac- 
tor in mind, we shall emphasize the first. We shall do so by first 
applying the rule of two to each compound chosen as an example 
as if it were formed from neutral atoms whose electron configura- 
tions are given in Fig. 2. 

Considering the representative elements first, we find that the 
maximum number of valence electrons for elements in the second 
period according to Fig. 1 is eight.* Beryllium and boron chlorides 
have already been discussed sufficiently to illustrate compounds 
in which the maximum of eight is not reached. The properties of 
boron trichloride as a strong acid ** make it apparent that the one 
empty orbital of the boron atom can still be filled by two paired 
electrons from an atom in a basic molecule. The remaining four 
active elements in the second period require no further discussion, 
since for them the rule of two becomes equivalent to the rule of 

eight. 

In the third period (only the representative elements in that 
period being considered for the time being) the number of orbitals 
is nine. The tendency of magnesium to fill up its orbitals seems 
to be the reason for the activity of Grignard reagents. The tend- 
ency of al umin um chloride to fill up an empty orbital in the alumi- 
num atom results in its familiar activity as an acid catalyst." 
The formation of SiFe""^ ion apparently involves the filling of 
two orbitals of silicon in silicon tetrafluoride by paired electrons 

* R. Samuel (see note 4) mentions the possible existence of nitrogen penta- 
fiuoride. Such a compound if it does exist would involve promotion from 
R = 2 to n = 3. 

“ Chapter 3. 

u Chapters 9 and 10. 
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from two fluoride ions to give a total of twelve electrons.^ CaibcBi 
in the preceding period cannot do this because in its cmnpounds 
all its orbitals are filled by dght electrons. 

The phosphorus atom has two paired and three single electrons 
in its valence shell, and so phosphorus trifluoride is written (uring 
crosses for phosphorus electrons) : 



Phosphorus pentafluoride must be formed by uncoupling the lone 
pair of 3s electrons. This reaction may be formally represented 


as follows: 







p 



where the small arrow indicates that the two paired electrons are 
imcoupled during the reaction. Actually, the two fluorine atoms 
are combined in a molecule and the paired electrons between them 
must also be uncoupled, but they are written separately for 
amplidity. This uncoupling of paired electrons requires energy, 
but not more than the reaction can amply supply, since the com- 
pound is formed and is fairly stable. The extreme instabilily of 
nitrogen pentafluoride, if it exists at afl,^ must be due to the fact 
that the nitrogen atom has no more orbitals available for which 
n = 2, and promotion of electrons from n = 2 to n = 3 would 
req;uire more energy than its synthesis can furnish.^ 


” The question which arises at this point, namely, what determines in detail 
the number of atoms grouped about the central atom in such cases, is beyond 
thA scope of the discusaon in this chapter. Suffice it to say here that com- 
pletion of orbitals may be opposed by the repulaon of built-up charges at 
hindraed by ladk of space for enough atoms to gath^ around the central atom. 

*• The pentachloride (Powell, Claih, and Wells, • Chem. Soc.^ 1942, 642) 
and poitabrcHnide (Powell and Clark, Nature, 146, 971 [1940]) of phosphoras 
have beoi the subject of crystal staructure mvestagati<xi8 which have shown 
^Katwi to be ionic in the solid state. The ions are PCU^* and PCla * for the 
chloride and PBr 4 +* and Br~^ for the bromide. This fact does not mean that 
they are not covalent in the gaseous state, nor does it imply that PFg is not 
pentaeovalent in idl three states. The boiling pmat far the fluoride is to be- 
low the bcuhng pmnts of the chloride and bromide. If the fluoride were ionic, 

its boiling pemt would be higher. 



COVALENCE 



The series of sulfur compounds S2F2, SF2, SF4, 
offers an interesting application of the rule of two. 
atom has two electron pairs and two single electrons : 


S2F10, SFe 
The sulfur 


XX 

xS>« 

XX 


SF2 must be formed by direct paurmg 
trons in the sulfur atom : 

• • XX 

:F;S?F: 


• •XX 


of the two unpaired eleo- 


The formation of SF4 involves the uncoupling of one pair, leading 
to ten electrons in the sulfur valence shell. Both pairs are un- 
coupled in SFe, giving a total of twelve: 










Two different electronic formulas have been su gg ested for S2F2 : “ 


•• XX •• •• 

:FjSjS:F: 

•• XX «• •• 


•• XX •• 

:F;S?F: 

•• XX •• 





The chemical evidence for a choice between the two seems incon- 
clusive. In the second formula, two of the paired electrons on the 
upper sulfur atom have been uncoupled to pair off with the two 
unpaired electrons of the lower sulfur atom. Thus the upper 
sulfur atom has ten electrons in its valence shell. 

S2F10 resembles SFe to some extent in its chemical properties 
but is mote reactive.^ The electronic formula is similar in that in 
both molecules the sulfur atoms have twelve valence electrons : 


F F F 

\l/ 

S 

F F F 


F F 

\l 

F— S 

/I 

F F 


F F 

1 / 

S— F 

l\ 

F F 


The interhalogen compounds of the t3rpe8 AB3, AB5, and AB7 
are also interesting examples of the rule of two. ICI3 must involve 

^ Samuel, J. Chem. Phys., 12, 380 (1944). 
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the uncoupling of two of the paired electrons in the iodine atooi ol 
iodine monochloride: 

-.^51501: + 2:01 : I i»a: 

a •• •• .ci;** •• 


In this formula there are ten electrons in the valence shell of iodine. 
In iodine pentachloride there must be twelve, one more pair being 
uncoupled: 

:a: 

• ^ A 

*a. 

«. *• • 

:C1-. 

Iodine heptafluoride should be written with fourteen valence elec- 
trons, all seven of the original iodine electrons b^i^ shared with 
the seven fluorine atoms: 

F F F 

From these examples, chosen from the representative elements, 
it is apparent that the rule of two (more often than the rule of 
eight) automatically ^ves the correct result when molecules are 
considered as if formed in the same way as the periodic system is 
built up. A few more examples taken &om the related metals 
will be considered next. 

The older eightreolumn periodic diarts obscured the . similari ties 
observed in the chemical properties of the related metals. The 
type of chart illustrated by Fig. 2 clears up this source of confusion. 
All these atoms have rither one or two electrons in the outermost 
shell and therefore behave primarily as metals. Most of t hem 
have two electrons in the last shell, and from the chemist’s point 
of view most of the reminder could be considered as having two 
also. Their similarities when acting as cations have already been 

considered. ^ 

In spite of their primary characteristics as metals, some of them 

in one respect do behave as non-metals. Chr omium and man- 
gan^, for example, form with oxygen negative ions that corre- 
spond to sulfate and perchlorate ions. Yet nrither chromium nor 
manganese form negative “chromide” or “manganide” ions, com- 
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parable to sulfide and chloride ions. The answer to this apparent 
contradiction lies in the fact that most of the related metals have 
two incomplete sheUs of practically the same ^ergy. Therefore, 
ah the electrons in both shells should be considered valence elec- 
trons in writing electronic formulas. 

As an example, let us compare the behavior of sulfur and chro- 
mium. Sulfur and oxygen atoms both have six valence electrons, 
two electron pmrs and two single electrons in each : 



Applying the rule of two, we may imagine sulfuric acid as being 
formed in the following way: first, tbe two incomplete orbitals 
in each oxygen can be filled with two electrons from one sulfur 
atom and two electrons from two hydrogen atoms : 

•• XX •• 

HsOjS? 0;H (hypothetical) 

•• XX •• 

Two more oxygen atoms, each with two unpaired electrons, can 
th «^P complete their orbitals by uncoupling the two electron pairs 
on the sulfur atom and forming double bonds: 



H:0;S50:H 



Note that there are twelve electrons in the valence shell of the 
sulfur atom according to the rule of two. The customary way of 
writing the formula with only eight electrons was adopted pri- 
marily to force compliance with the rule of dght.*^ 

The chromate is formed in a similar way. Representing the five 
unpaired 3d electrons and the one 4s electron as being in the same 
valence shell, we find that chromium has the same number of 
valence electrons as sulfur: 

X X 

xCTx 

XX 


Hie one electron on the left may be coneideFed the 4a electron, 
but this distinction is not imi>ortmLt, since all are practicfdly 


^ This letom to “claasncal** formulas will be wwmifigrpd furthor in section 7. 
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equivalent (Big. 1). The first step in the formation of dmanie 
add can be formulated in exactly the same way as before: 


H:O^CrxO:H (hypothelical} 

• • XX •• 


The next step is different only in that the four remaining dectroms 
are already sin^e; hence no uncoupling by the o::^gen atoms is 




H:05Cr;0:H 



The reason that the Cr~^ ion does not exist is that such an ion 
would gtill t^ntjuTi four unpaired electrons and would be too un- 
stable. To fill an dx incomplete orbitals to form a monatomic 
ion would give it a charge of —6, which is much too great a charge 
to build up against the Coulomb repulsion. 

analysis shows that fourteen electrons are shared in 

perchloric and permanganic acids: 


:0 


:0 


H:0iCl5:0 


H:0xMnS:0 


:0 


:0 


AD four of these formulas are equivalent to the oW formulas used 
b^ore electrons toere discovered, e.g., 



showing a valence of two for oxygen, mx for sulfur, and seven for 
chlorine. Anticipating objections to the idea of fourteen electrozis 
for chlorine, we may recaU the mterhalogen compounds ABg and 
ABy. In compounds, the rdative sixes of the two atams 

aeesn to determine whether the compounds will be furmed. So 
far, there is no known chlorine pentafluoride, but BrFs and Wt 
do exist Apparmrtiy there is not room enough for five fluoime 

atoms around one chlorine atom. But there are only four oxyi^ 
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atoms involved in perchloric acid. If fourteen electron are hold- 
ing seven other atoms to iodine in the heptafluoride, it does not 
seem unreasonable to find that fourteen electrons are holding 

four oxygen atoms to chlorine. 

The series of osmium halides OsCla, OsCl*, OsFe, OsFg is inter- 
esting. The electronic symbol for the osmium atom is similar to 
that of iron, with two 6s electrons and two 5d electrons p^ed, 
leaving four fid electrons unpaired : 


XX 

^OsJ 

XX 


JI3 is ionic, affording one example of the relatively small num- 
of trivalent ions. Three of the four electrons can be removed 
not a fourth, since OsCU is not ionic but covalent 

Cl Cl 

Os 

Cl Cl 


with a total of twelve electrons for the osmium 
osmium atom in OsF« must have fourteen elec' 


The 


\xx/ 


F 


' / \ 

F F 

and the osmium atom in OsFg must have sixteen electrons: 

F F F 

\l/ 


/l\ 

F F F 

The failure of the related metal carbonyls and nitro^ls to obey 
the rule of eight was recognized very early. So it is not surpriring 
that our present concepts of their valence relationships already 
are so dose to the ideas presented here that no further discussion 
of them is necessary. 

Discussion of other covalent compounds of the related metals 
would be interesting, but in regard to most of them it would be 
merely speculation, since insufficient experimental data are avail- 
able. However, the above examples of covalent compounds, 
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together with those considered in the previous section, should be 
sufficient to illustrate the application of the rule of two to the 
problem of valence. It is evident that proper use of the rule of 
two demands both application of our knowledge of atomic orbitals 
and modification of our present method of writing electronic 85 ™- 
bols so as to represent two partly filled energy levels of practically 
the same energy as one valence shell. 

7. Electron AfiSnity. 

Though substituting the rule of two for the rule of eight effects 
some improvement in the theory of valence, it is still far from 
being a completely satisfactory theory. So far in our discussion 
reference to any tendency opposing the filling of atomic orbitals 
haj; been omitted deliberately. That there is such a tendency 
becomes obvious upon considering the following example. The 
formation of sulfur monoxide might be represented as due to the 
sharing of the two impaired electrons in each atom : 

XX •• XX 

+ -O- — > S5:0 

XX *• XX •• 

But the attraction of the oxygen atom for electrons is greater than 
that of the sulfur atom. We are all familiar with the qualitative 
manifestation of this fact in the representative elements (Fig. 2). 
A more exact comparison is given in Table 1. (The larger num- 
bers represent greater attraction for electrons.) 

TABLE 1 

FmsT Ionization Potentiai-s (in Volts) 

(Data from Sisler and Vanderwerf, J, Chem, Education, 22, 390 [1^^ ) 

He 
24.48 

Be B C N O F 

9.28 8.33 11.22 14.48 13.55 18.6 

Mg A1 Si P SO 

7.61 5.96 8.12 11.1 10.31 12.96 

How to take account of this difference in attraction for electrons 
is a difficult and still unsettled problem. For a single bond, the 
difference might be represented by writing the electrons closer to 
the more electrophilic (electron-attracting) atom. But for a 


H 

13.53 

Li 

5.37 

Na 

5.12 
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double bond, such as we have tentatively written for sulfur monox 
ide, it might better be pictured as follows : 



This formula corresponds, perhaps, a little better to the insta- 
bility of sulfur monoxide. But probably neither the double-bond 
(as first written) nor the single-bond formula represents the actual 
molecule. This state of affairs apparently holds for many other 
molecules. It has led to the theories of resonance and of molecular 
orbitals. For reasons discussed below, neither of these theories 
will be extensively used in this book. At any rate, the condition 
of “strain” in molecules like sulfur monoxide, as the formula is 
written on the basis of our knowledge of atomic orbitals, cannot 
be ignored. A redistribution of electrons among all orbitals to 
give the most stable arrangement in view of the two opposing 
tendencies must be contemplated. A possible way out of the 
dilewima is to write formulas generally according to the rule of 
two but modified where necessary to show as far as possible the 
potentialities of the compoimds for chemical reaction. (This 
would mean usually ignoring association between identical mole- 
cules.) 

To illustrate this principle the following formulas may be con- 




Note that the first three formulas show six electrons, the fourth 
eight, and the fifth twelve for the sulfur atom. The number in- 
creases from eight to twelve (from formulas IV to V) because of 
the electron affinity of the protons. Consider that the two protons 
added to a sulfate ion cause the redistribution of electrons. We 
imagine the positive protons shifting all electrons toward them- 
selves. This makes the sulfur atom more positive, as shown below: 


:0;i 

•• 

H-*i-0«rS-r*0-WEt 




:0 
• • 

H : O ; S ; p : H 
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Thus the number of electrons on the sulfur atom is increased tc 
twelve. This return to the “dasacal” slractuies for such ox- 
acids as 

O O 

„ ^ ^ II 

B— O— S— O— H H— O— C1=0 

II II 

o o 


with twelve and fourteen electrons, is supported by Phillips, 
Hunter, and Sutton. ** They also suggest that the stability 
of such acids is actually due to the formation of the double bonds. 
This accounts for the fact that fluorine does not form such adds.** 
Since fluorine has only four orbitals, no double bonds can be 
formed. 

If we r^ard each electronic formula as dynamic rather than 
static, there is little to be gained by emphasizing the conc^t of 
resonance hybrids. Furthermore, the detailed theory of resonance 
has come under heavy fire.” It is claimed by A. Buiawoy ” that 
. the interpretation of polyatomic structures does not require 
the hypothesis of resonance among several idesdized valmce>bond 
structures, a speculative application of the quantum-me ch a nica l 
conception of resonance, which is in disagreem^t with numerous 
facts.” In view of this controversy, we shall avoid detailed iqipli- 
cation of the theory of resonance. The theory of mdecular orbi- 
tals, an alternative treatment, is too complex for the present dis- 
cussion. 

It is important to bear in mind the dynamic nature of electaonic 
formulas, which arises fr<»n the two opposing tendmcies which 
must be balanced in the electron distributicm of many molecules. 
We encounter more examples in later chapters, but we men- 
tion cmly two additional examples here, carbon dioxide and alde- 
hydes: _ „ 


H H 


:0::C::0: 


H:C:C::0: 


H 


g. The Coordinate Covalent Bond. 

There is tmother way in which orbitals in one atom may 
fillfd by electHHis from another atom. Consider the molecule 

« pliiUips, Hunta, and Sutton, J. Chem. Soe., 19*5, 146. 

» Buiawoy. Nature, 166, 328 (1945); Buiawoy. Chemisby A luduOm. 

434 (1944). 
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the covalent compound boron trichloride. The maximum num- 
ber of orbitals available for compound formation in atoms of the 
second period is four, one 2s and three 2p orbitals. In boron tri- 
chloride, only three are filled : 

:C1: 

:Cl:B 

• • « « 

:C1: 


The fourth may be filled by a lone pair of electrons from another 
molecule, e.g., ammonia, to form an addition compoimd : 


Cl 


H 


Cl H 


Cl— B -I- : N— H 


Cl 


r 

H 


Cl— B:N— H 
Cl H . 


In the past, this reaction has been regarded as another confibma- 
tion of the rule of eight. Actually the limitation of eight electrons 
exists only for the second period, as we have already pointed out. 
In the third period, five more orbitals are available, more in the 
later periods. In a large munber of compoimds, some of the addi- 
, tional orbitals are used for coordinate covalent bond formation. 

The electrical “strain” involved in the formation of a coordinate 
covalent bond may result in subsequent ionization to form such 
ions as 

AlFg-® SnClfi-^ ZrFy-® Mo(CN)8-^ 


all of which fail to obey the rule of eight. The reaction between 
stannic chloride and hydrogen chloride may be represented for- 
mally as follows: 

H 


Cl Cl 

\l 

Sn + 2H— Cl 

/I 

Cl Cl 


Cl Cl Cl 
Sn 

/i\ 

Cl Cl Cl 





Subsequent ionization may depend upon the environment; never- 
theless, the tin atom is using six of its orbitals (containing twelve 
electrons in all) for bonding purposes. 
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At one time, the hydrogen bridge was resided by scmie diem- 
ists as an example of coordination. Chelation and association, 
such as often occur between carboxyl groups, were thou^t to 
indicate the existence of 2-covalent hydrogen. The fonnulas were 
written to show the hydrogen bonded by two electron pairs, e.g., 
in the following formula to show the dimeric association of acetic 
acid: 



Two-covalent hydrogen is now regarded as unlikely, in view of the 
large energy difference between Is and 2s orbitals (as shown in 
Fig. 1). Two electrons are the maximum for the hydrogoi atom. 
The forces holding the hydrogsi atoms to the carbonyl cnrygens 
are probably electrostatic and should be repressited by dotted 

lines: 



IV 


The origmal definition “ of the coordinate covalent bond appar- 
ently was not intended to imply any fundamental differmoe I 
tween it and any other covalent bond. The word ‘Wrdinate 
was used merely to indicate an ims^inary difference in tiie way 

the covalent bond is formed. 

In view of the controveraes evident ® in the literature, it seams 
best to retain the original definition. A coordinate covalait bond 
is merely any covalent bond both electrons of which were or%- 
inaUy suppUed by one of the two atoms involved, (fece such a 
bond is formed, there may be no way of distinguishing it fnm 
any other covalent bond. (One advantage of this defimtion is 
that it might render meaningless such controversies as the one 

between Samuel and W heland. **) 

“ Lewis. Vaimce and the Stnuivre cf Atoms and Mcieeules, Oieinucd 
Catalog Company, New York, 1923; Sidgwick, The Eleetrome Theonf qf 

Valeneu, Oxford Univeraty Press, New York, 1927. 

^Samuel, /. Chem. Phys., 12, 167, 180, 380 (1944^ WW^and. 

IS- 239 (1945); (c) Burawoy, Trans. Faraday Sac., 276, 537 (IUm;. 
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Three examples shoxild be sufficient to illustrate this inability 
to teU the difference between a covalent bond and a coordinate 
covalent bond after they have been formed, as we im agine their 
formation. When we write the (imaginary) equation 


H 

H:N: 

H 



we see in the ammonia molecule a potential coordinate bond. 
The nitrogen atom is going to supply both electrons to form a 
covalent bond. For our convenience, we call this bond a coordi- 
nate covalent bond. But upon considering the amm onium ion, 
we find that we are imable to distinguish this bond from the other 
bonds, which previously have been called simple covalent bonds 
(because each atom supplied one electron to the bond). This 
example is a familiar one, but, in view of the tendency of some 
authors to write coordinate covalent bonds with charges on each 
atom, it deserves stronger emphasis. 

The second rammple is more striking. When we write the for- 
mula for water as 



it rarely occurs to anyone to consider that the two H — O bonds 
are anything but covalent. Yet, if we write the abbreviated equa- 
tion for neutralization in water, 

H:b:H 


we see that one of the bonds is a coordinate covalent bond. Actu- 
ally, either bond or both could be r^arded as «ther covalent or 
coordinate. Since our choice depends only upon the inunediately 
previous histoiy of the molecule, it is obvious that there can be 
no real distinction between the two types of bonds. This is very 
well expressed in Gilman by the following graphic illustration : 






Of course many compounds do exist in which the location of a 
coordinate covalent bond can be established. But in these also 

» Gilman, Organu; Chemisbry, John Wiley & Sons, New York, 1938, p. 16(B. 
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the coordinate covalent bond is located between l^e boron and 
nitrogen. But it is no different from the other covalent bonds. A 
large amount of experimental evidence supports this view. 
In summarizing some of it, obtained from dipole^oment measure- 
ments, Phillips, Hunter, and Sutton “ conclude, “True coordinate 
linkg appear, therefore, to be nearly of the same length to be ex- 
pected for a normal, single covalency between the same two 
elements.” Furthermore, it is well known that, while coordmate 
covalent bonds are often highly polar, many ordinary covalent 
bonds are also highly polar.” 

In view of this brief summary of the preset situation, there 
Bftpmg to be no justification for the desdgnation of coordinate 
covalent bonds by means of plus and minus signs. There is no 
difference warranting such a distinction between ‘formal” and 
“coordinate” covalent bonds. The only difference is as stated In 
the original definition. A coordinate covalent bond is merely a 
covalent bond in which both electrons are thought of as bdng 
supplied by the same atom. 

The chemistry of the coordinate covalent bond is latgdy the 
chemistry of acids and bases, the subject of this bo(^ 
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1. The Theoretical Interpretation. 

The experimental criteria of acid-base phenomena as listed in 
Chapter 1 are: (1) neutralization, (2) titration with indicators, 
(3) displacement, and (4) catalysis. When the chemical reactions 
between substance thus classified as acids or bases are examined 
in dd^^ the theoretical explanation of their fundamental nature 
becomes apparent. An add is capable of accepting a share in a lone 
electron pair from a base to form a coordinate covalent bond. A base 
donates a share in a lone electron pair to the add. The formation of 
the coordinate bond is the first step in neutralization reactions: 


:a: 

H 

:C1: 

H 

:C1:B + :N:H - 

^ :Ci:B : 

N:H 

:C1: 

H 

• • • • 

:C1: 

H 


^ H:0:H 

•• •• 

• • 

: 0 : 

:0:S + :0:H 

• • • • • • 

:0: H 

m m 

acid base 

Sometimes the product is a covalent compound. At other tiiwAg 
formation of the coordinate bond may be followed — or accom- 
panied — ^by ionization, so that the product is a salt. For example, 
the compound CsHsNiAlBrs seems to be a typical salt. Both 
aluminum bromide and pyridine are covalent compounds. When 

43 
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they are mixed, the white precipitate appears to have the charao* 
teristics (e.g., relatively high melting point) of a salt. The elec- 
trical “strain” produced by the formation of the coordinate bond 
may result in the ionization of one of the bromine atoms: 


:Br: 

:Br:Al + 

":Br: 

• • 

ftoid baae 

:Br:-^ 4- 

• • 

Sometimes formation of the coordinate bond and ionization may 
be regarded as simultaneous. When the hydrogen bridge was re- 
garded as involving 2-covalent hydrogen, the reaction between 
hydrogen chloride and water might have been written in similar 

fashion: 






H:0: + H:C1 


H 

base 


H:0:H:C1: 

H 


H:0:H+‘ + :a:“‘ 

# • •• 

H 


acid 


The existence of the hypothetictd intermediate addition compound 
in which the hydrogen bridge between the hydrogen chloride and 
water molecules involves 2-covalent hydrogen is now regarded as 
unlikely. Probably it would be better to represent the formati(m 
of the coordinate bond as taking place simultaneously with lomzar 

tion, as follows: 


H'-O; -h H:a: 


H : O : + 


H 


H 



base 


add 


Thus the electronic theory pictures the reaction in exactly the same 

manner as the proton-donor theoiy. ^ 

This example is only one of many which could be given to snow 

that the electronic theory of acids and bases includes the proton 
theory as a special case. The simultaneous coordination and ion- 
ization pictured by the electronic theory is equiv^t to the p^ 
ton-transfer mechanism of the Br0nsted theory. The bases of the 
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Br0iisted theory accept protons because they have lone electron 
pairs that can be used in coordinate-bond formation. All these 
bas^ can, therefore, combine with other acceptor molecules in the 
same way as they do with the proton : 

from a proton donor 

• • 

:C1: 

:Ci:Ai -I- S 

»• •• ^ ^ 

:C1: 



When we find that aluminum chloride and the proton behave in 
the tnfl.nnfir in titrations, displacement, and catalysis, as well 
as in these examples of neutralization, it is clear that we can no 
longer restrict the name acid to proton donors. To designate acids 
which owe their acidity to the proton, Lewis ^ suggested the term 
hydrogen acid (or H-acid). ^ 

The electronic theory of acids also includc9^’^& theory of solvent 
fiysf ema as a Special case. The following reactions are only two of 
many which could be listed to illustrate this statementi|^ 

1. Aluminum chloride and phosgene: 


:C1: 

ci:Ai+ :Cl:C:Ci 


:C1: 

:Ci:Aj:Cl:C:Ci 


:C1 


acid 


O: 


base 


:a: 


2. Pyridine and water 




+ H:0:H 


add 


O: 


:C1: 

Cl:Aj:d 
** :C1: ” 


+ :0::C:d:+^ 


solvent cation 


.+1 


!H -f :0:H 


solvent anion 


The addition of the acid in reaction 1 increases the concentration 
of sdv^t cations. The addition of the base in reaction 2 increases 


^ lewis, FrairMin InsL^ 226, 293 (1938). 
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the concentration of solvent anions. The electronic theory ^ves a 
fundamental reason for this increased concentration of the ions of 
the solvent. Acids coordinate with the n^^tive ion of the solvent 
because the n^ative ion has lone electron pairs to offer the a«iH 
Bases coordinate with the positive ion of the solvent because the 
positive ion has a vacant orbital which can accept a lone electrrm 
pair from the base. 


2. Reactions of Acids and Bases with the Solvent. 

The properties of acids and bases with which we are most famil- 
iar from the study of water solutions depend to a great extent upon 
the presence of the solvent. For example, magnesium reacts slowly 
with hot water, liberating hydrogen. The reaction is much more 
rapid in acid solution. The difference must be due to the increased 
concentration of the solvent cation, the hydrogen ion. At first 
glance, Lewis’s theory seems to have little relation to this large 
body of experimental behavior with which we are so fa miliar . 

For example, Walden * has presented the following objectionB 
based upon this apparent lack of relationship: (1) the Edgnificance 
of dissociation constants and conductivity measurements would 
be destroyed ; (2) the part played by the solvent would be elimi- 
nated; (3) the oppositeness of acids and bases toward indicators 
would appear to be “purely incidental observations.” We have 
already seen that the oppositeness of acids and bases toward indi- 
cators is by no means a purely incidental observation, and we 
proceed to show that the other two objections are as groimdless. 

Water may be regarded as the product of the neutralization of 
hydrogen ion by hydroxyl ion. The proton is an acid because it 
tends to accept an electron pair from a base to fill its Is orbitaL 
The hydroxyl ion is a base because the oxygen atom can donate an 
electron pair to an acid. The formation of the coordinate bond 
between the proton and the hydroxyl ion is neutralization. The 
question whether the product is actually neutral, in the sense that 
the donor and acceptor properties of the oxygen and hydr<^ 
atoms are balanced, is probably not of great importance. (Sidg- 
wick » believes that the oxygen is “more powerful” as a donor than 
the hydrogen is as an acceptor.) What is more important is that 

* Walden, Salts, Adda, and Bases, McGraw-Hill Book Company, New York, 

'^»%dgwick. The EUdroaic Theory of Valency, Oxford Univeiaiy Praa^ 
New York, 1927- 
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the relative acidity of water can be compared with that of other 
solvents. For example, glacial acetic acid is more acidic and liquid 
fttYiTTinnia more basic than water. In terms of the electronic theory, 
this means that acetic acid has a greater tendency to accept an 
electron pair than water has and that ammonia has a greater tend- 
ency to donate an electron pair. 

When an acid is dissolved in a solvent, the initial reaction be- 
tween the acid and the solvent depends primarily upon two fac- 
tors: the strength of the acid (its tendency to accept an electron 
pair), and the basic strength of the solvent (its tendency to donate 
an electron pair). In a given solvent, the strength of the acid can 
be measured, within the limits of the “leveling effect” of Hantzsch 
(to be discussed later), by means of the equihbrium constant of 
the reaction with the solvent. For example, if glacial acetic acid, 
a typical covalent liquid which conducts an electric current poorly , 
reacts with water according to the equation 

HC2H3O2 + H2O H30+‘ + 
the equilibrium constant, 

[H3O+M X [C 2 H 302 ~M 
[HC2H302] 

serves as a measure of acid strength when compared wilh similar 
constants for other acids. This is true only if the acid is not too 
strong. For strong acids like hydrogen chloride, also a typical 
covalent compound, the reaction proceeds completely to the right 
in a solvent as basic as water. 

Similar conclusions apply to acids that do not contain protons. 
If the reaction occurring when carbon dioxide, a weak acid, is dis- 
solved in water is represented by the equation (the mechanism 
will be discussed below) 

CO 2 + 2 H 2 O H30+‘ + HC03“‘ 

the equilibrium constant, 

^ [H30+*1 X [HCO3-M 

[C021 

may serve as a measure of the acid strength of the carbon dioxide. 
Strong acids like sulfur trioxide act in the same manner as hydro- 
gen chloride. Sulfur trioxide accepts an electron pair from the 
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oxygen atom in the water molecule just as does the hydrogen in 
hydrogen chloride. The reaction 

SO 3 + 2 H 2 O H 30 +‘ + HSO*-^ 

proceeds extensively toward the right. The same considerationB 
hold for such acids as boron chloride, aliuninum chloride, or stannic 
chloride. The boron and aluminum atoms tend to accept an elec- 
tron pair to complete their s and p orbitals. The tin atom tends 
to gain two electron pairs as in Handle to complete two of its d 
orbitals. There is no valid reason for calling the same type of 
reaction by two different terms: namely, ionization in the reac- 
tions of hydrochloric acid and acetic acid, and hydrolysis in tiie 
reactions of sulfur trioxide, carbon dioxide, and stannic chloride. 
The net result in both types of reaction is an increase in the concen- 
tration of the solvent cations. We shall see that this increased 
concentration of the solvent cations is responsible for most of the 
familiar properties of acids and bases in water and fdmilar solvents. 
It is due to the tendency of an acid to accept an electron pair from 
a base in order to complete the characteristic stable electron con- 
figuration of the acid. 

The actual mechanism may be regarded in either of two ways, as 
represented by simplified equations for the reaction between sulfnr 
trioxide and water 


: 0 : 

: 0 : 

: 0 :S+ : 0 :H-SH+^ 

:0:S:0:H 

mm •• •• 

: 0 : 

: 0 : 




a direct reaction between the sulfur trioxide molecule and 
hydroxyl ion; or 


: 0 : 

‘6:S + :6:H 
‘‘:6: H 


:0: 

:0 

A A A 

• • 

:6:S:6:H 

:0:S 

A A 9 • 

0:H 

• • 

:6:H 

:0 



— 1 


+ H+‘ 


a direct reaction between the sulfur trioxide molecule and the water 
molecule, followed by ionization. Either way the result is the 
same. If the acid is strong enough and if the solvoit is basic 
mou^, tbe concentration of the cation characteristic of the sd- 

vent is increased. 
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In order to show the reaction between carbon dioride and water, 
it is necessaiy to write the formula of the carbon dioxide molecule 
in its “activated” form (discussed later in connection with second- 
ary acids) : 


; 0 : 

C + :0:H 



: 0 : 

C: 0 :H 






base 

Apparently the small number of ions formed is due to the small 
proportion of activated carbon dioxide molecules. Nevertheless, 
the concentration of solvent cations is increased in this ca^ ^o. 

The corresponding conclusion holds for bases dissolved in ion- 
izable solvents. The solution contains a greater concentration of 
anions than the pure solvent. The strength of the base in a ^ven 
solvent can be estimated from the equilibrium constant. For 
example, when pyridine is dissolved in water, the pyridine mole- 
cule acts as a base in donating an electron pair to the water mole- 


culc * 

C5H5N: + HOH ^ CsHsNrH+i + OH-» 

base acid 


The equilibrium coostant, 



[CftHfiNiH+M X lOH-M 

[CsHsN] 


serves to measure the basic strength of the pyridine. 

These examples, purposely chosen with water as the solvent, are 
enough to show that the part played by the solvent is not “delib- 
erately eliminated.” Dissociation constants and conductivity 
measurements still have as much significance as ever. Walden’s 
objectioDS obviously do not apply. When a sulQiciently strong 
acid reacts with water, the concentration of the hydrogen ion is 
increased; when a sufficiently strong base reacts with water, the 
concentration of the hydroxyl ion is increased. In a given solvent 
the strength of an acid or a base, within limits, can be measured 
by its dissociation constant. There are also many examples in 
the literature to support this conclusion for solvents other than 
water. 

The typically properties of al uminum chloride in pho^ene 
are due to this increased ccmcentration of solvent cations. Ger- 
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mann * found that the conductivity trf the aluminum Khl/mde sdlu-- 
tion was less than that of the solution of Ca(AlC 4 ) 2 , and crai- 
cluded that the acid is rather weak in phosgme. 
chloride is an acid because it accepts an electron pair to fill the 
vacant p orbital of the aluminum atom. Phosgene is 
and in this reaction is a base. No doubt the resulting will 
be solvated because of the strong toidency of the carbon atom to 
fill its valence shell. But showing this solvation adds nnt.hing to 
the discussion, so we may write the equation as 

Aiaa + coaa Alcu-i + coa+* 

The equilibrium constant. 


K 


{COCl+*l X [Aldi-'l 

[AlClal 


will serve as a measure of acid strength when compared wHh the 
dissociation constants of other acids in phosgene. Accoidmg to 
Germaim’s conductivity measurements K is small, so alumimim 
chloride is a fwly weak add in phosg^e as a solvent. Similar 
treatment can be ^en the results of other investigators. 

Meerwein ‘ has shown that aluminum alkoxides, when dis- 
sdved in alcohols, increase the concentration of the solvent cation 
in the same manner as aluminum chloride does in phosgene: 


R 
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A1 + :0— R R— O— A1:0~R 
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* Gennann, ^^£ 01100 , 70 (1925). 

* Meerwein. Ann. 466, 227 (1927). 



BEACnONS OF ACIDS AND BASES WITH THE SOLVENT 51 


The concentration of the hydrt^n ion in the solvent is increased. 
Other acids, such as boron trifluoride, also increase the hydrogen- 
ion concentration in organic acids. The work of Jander with 
sulfur dioxide,® that of Smith and others with selenium oxychlor- 
ide,^ and some of the work in liquid ammonia can be interpreted 
in a similar way, not only for acids but for bases as well. 

The reason for the solvent-system definitions of Cady and Elsey 
(Chapter 1) is clear. Acids often do increase the concentration of 
solvent cations; bases often increase the concentration of solvent 
anions. However, this does not always happen. When acids 
react with solvents like ether and pyridine, ionization to give a 
cation characteristic of the solvent is unlikely. Usanovich ® has 
shown the similarity in electrical conductivity of solutions of such 
adds as the arsenic mid antimony trichlorides in ether to a solution 
of sulfuric acid in ether. The conductance of the solutions is 
greater if the ether is replaced by a stronger base like pyridine. 
Arsenic trichloride reacts with pyridine with liberation of a large 
amount of heat, fo rmin g after evaporation of the excess pyridine a 
crystalline compound C5H5N zAsCls. It is a f amiliar fact that py- 
ridine forms crystalline compounds with those salts which, accord- 
ing to Lewis’s theory, are fjurly strong acids, e.g., zinc chloride. In 
these examples ionization of the solvent is impossible. The reaction 
may be represented as follows ; 

C5H5N: -I- AsClg CsHsNiAsClg C5H5N : ASCI 2 +" + 


Tire ^enic atom becomes more negative by g aining a share in the 
lone electron pair of the nitrogen atom. The resulting electrical 
strain can be rebeved by the ionization of a chlorine atom. A 
s i milar situation holds for ether.* An oxonium salt is formed in 
solution. If we regard the ether and pyridine as solvents, we see 
that no cation characteristic of the solvent is formed. 

We might have drawn the same conclusion from the previo usly 
considered reaction between pyndine and water: 

CsHsN: -l-HOH C5H5N:H+‘ -f- OH-^ 


If pyridine is considered the basic solvent and water the acid dis- 
solved in it, there is again no splitting of the solvent to give a 


« Jander Md Mesech, Z. physik. Chem., A183, 255, 277 (1939); also preceding 
Papers m this senes. — & 


» Smith. Chem. Rees., 23, 165 (1938). 

■Usanovich. J. Gen, Chem, VJSJSJt., 9, 182 (1939). 
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cation characteristic of the solvent. The above examples illus- 
trate the inadequacy of the idea that acids and bases can be defined 
in terms of ions. In certain solvents, acids increase the concentra- 
tion of solvent cations and bases increase the concentration of 
solvent anions, but in other solvents they do not. These experi- 
mental facts do not £^ect the dectronic theory of acids and bases 
because it is not stated in terms of ions. 

3. Typical Reactions of Acids and Bases. 

Typical properties of acids and bases are usually taken to be 
those that are observed in water solutions of adds and bases. Most 
of them are due to the increased concentration of solvent cation 
or solvent anion caused by the presence of the add or base. The 
most familiar reactions dependent upon this effect probably sue 
the reactions between the free elements and solutions of adds and 
bases; electrolysis; and the reactions of amphoteric substances. 
The first is the only one that requires further discusdon before 
Rtmilftr reactions in other solvents are considered. 

Active metals like sodium and calcium react with pure water. 
Active noiMnetals likft chlorine and sulfur also react with '^ter, 
but the reactions are more complex. Chlorine reacts to give hydro- 
chloric and hypochlorous acids. Sulfur reacts slowly, when heated 
wiUi water, to ^ve several products. These reactions may be c<m- 
sidered due to the presence of hydrogen ions and hydroiqrl ions. 
The hydrogen ions oxidise active metals and become free hydro- 
gen. The reaction of hydroxyl ions with active non-metals is not 
so simple. This is probably due to the fact that the oxygen atom 
has a greater attraction for electrons than any other atom except 
fluorine. Many metals will reduce hydrogen ion, but only one non- 
metal, fluorine, will oxidise hydrcBqrl ion under ordinary oreum- 
stances. Chlorine and sulfur are unable to remove electrons com- 
pletely from the hydroxyl ion. 

These reactions proceed much more rapidly when the hydrogen- 
ion or hydroxyl-ion concentraticm is increased by the addition of 
an acid or base. The increase in rate seems to be a mass action 

effect; e.g., in the reaction 

Mg -h 2H+* Mg+* + Ha 

im nwHuring the concCTitratian of the hydrogen ion will have (he 
same effect whether it is done “directly” by adding hydrogen 

or “indirectly” by adding sulfur trionde to the water. 
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In like manner, it makes no difference how the hydroxyl-ion con- 
centration is increased. It may be brought about by adding the 
ions directly through the addition of sodium hydroxide or it may 
be done indirectly by adding triethylamine to the water : 

(C2H6)3N: H-HOH ^ (CaH5)3N:H+' -{- OH"^ 


It is worth noting at this point that, in these typical reactions 
with metals (discussed further in Chapter 4), hydrogen ion and 
hydroxyl ion are not acting strictly as acid and base, respectively. 
ITie hydrogen ion acts as an oxidizing agent, removing electrons 
completely from the metals which react with it. The hydroxyl 
ion acts as a reducing agent toward the only element capable of 
removing electrons from it: 


2F2 + 40 H-* -> 4 F-^ + O2 + 2H2O 


Such reactions, as well as those of eIectrol 3 ^sis and of amphoteric 
behavior, have been observed in other solvents. Reactions that 
occur in ammonia, sulfur dioxide, acetic acid, hydrogen sulfide, 
hydrogen fluoride, phosgene, selenium oxychloride, alcohols, and 
sulfuric acid are analogous to thc^ that take place in water. Some 
of them have been interpreted according to the solvent-systems 
theory; others, according to the proton theory. All of them may 
be understood more clearly on the basis of the electronic theory of 
acids and bases. Only a few examples will be discussed here. 

A solution of aluminum chloride in phosgene dissolves metals 
with the liberation of carbon monoxide.^ According to Lewis's 
theory, the aluminum chloride is an acid and accepts an electron 
pair from the solvent. The resulting electrical “strain” favors the 
ionization which increases the concentration of solvent cation. 
The solvent cation oxidizes the metal, and carbon monoxide is 
produced 

COCl+‘ -I- Ca -> CO -h Cl-‘ + Ca+2 

or 

CO(AlCl4)2 + Ca -> CO -I- Ca(AlCl4)2 


This behavior is analogous to that of sulfur trioxide when dis- 
solved in water. The sulfur trioxide accepts an electron pair from 
the solvent, and the concentration of the solvent cation is greatly 

increased. The solvent cation oxidizes the metal, and hydrogen is 
produced. 

Sunilar reactions are observed in the other solvents listed above. 
Those in selenium oxychloride are particularly interesting since, 
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as with phosgene, no protons are involved. Although the i«ported 
value of its solvent conductance » seems to be too hi gh the ion 
concentrations in pure selenium oxychloride are likely to be rala- 
tively great. When an add like stannic chloride is dissolved in 
seleniiun oxychloride, the result is as e!q>ected. The solution 
reacts more vigorously with metals than the pure solvent does 
because of the increased concentration of solvent cation: 

SnCU + 2SeOCl2 (SeOCl+^) 2 , SnClfi-® 

A similar effect has not yet been investigated in sulfur rlin-ririp 
One would expect that the same behavior would be observed. Sul- 
fur monoxide should be produced when metals react with add 
solutions of sulfur dioxide. One method of preparing sulfur 
monoxide is by the action of thionyl chloride on metals.*® The 
reactions occur at high temperatures (100® C. or above) and may 
be compared with the displacement of hydrogen from water by 
hot iron. At lower temperatures it is necessary to add acids 
(e.g., either sulfur trioxide or sulfuric acid) to the water before 
the iron will displace hydrogen from it. In the same way, we may 
venture to predict that sulfur monoxide will be displaced by 
metals from either thionyl chloride or sulfiu* dioxide at much 
lower temperatures if strong acids such as sulfur trioxide and 
boron trifluoride are added first. 

The simplified notation (ignoring solvation and stages of ioniza- 
tion) for the dissociation of such solvents emphasizes the siinilarify 
in their reactions with metals : 

HOH H+* -I- OH-* (H 2 evolved) 

COCI 2 ^ 00+^* + 2C1-* (CO evolved) 

SOCI 2 -h 2C1~^ (evolution of SO predicted) 

2 SO 2 SO"*"^ 4- SOs"^ (evolution of SO predicted **) 

Corresponding reactions for bases, i.e., the action of the solvent 
nuinn as a reducing ag^t, are observed in liquid ammonia. Where- 
as, in water, fluorine is the only active non-metal which can oxidize 
hydroxyl ion, in ammonia the other halogens can oxidize the anude 

• Julien, J. Am. Chem. Soe., 47, 1799 (1925). 

I* Schenk and Plats, Z. amorg. Chem., 216, 113 (1933). 

“ Work to test these predictions will be undertaken sotm. 
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ion. Iodine reacts with amide ion, just as fluorine reacts with 
hydroxyl ion: “ 

3I2 + 6 NH 2 -^ ^ 61 -^ + N2 + 4NH3 

The reaction is more vigoro\is in a solution of potassium amide in 
ammonia than in ammonia alone. Other reactions with non- 
metals like sulfur, involving an increased concentration of solvent 
anion, are more complex. They are similar to those in water, 
since, like the hydroxyl ion, the amide ion does not readily lose 
electrons completely. 

When electrolysis reactions in various solvents are considered, 
the conditions that determine which ion is to be discharged at 
either electrode are such that no definite conclusions can be drawn 
with regard to acid-base phenomena. For example, hydrogen is 
discharged at the cathode when an aqueous solution of an acid is 
electrolyzed, but hydrogen is also produced when an aqueous 
solution of sodium sulfate or of sodium hydroxide is electrolyzed. 
The most that can be said for the results of electrolysis is that they 
are consistent with what has just been said concerning cations and 
anions characteristic of the solvent. Carbon monoxide is dis- 
charged at the cathode when a solution of al uminum chloride in 
phosgene is electrolyzed. Selenium dioxide and selenium mono 
chloride are produced at the cathode upon electrolysis of a solu- 
tion of stannic chloride in selenium oxychloride. 

Interpretation of the work of Bagster and Cooling ** according 
to the electronic theoiy of acids and bases would indicate the 
possibility that they unknowingly produced sulfur monoxide by 
electrolysis. Their interest in demonstrating the existence of the 
hy^onium ion apparently caused them to overlook indications 
which might have led to the discovery of sulfur monoxide. When 
water was added to liquid sulfur dioxide and gaseous hydrogen 
bromide was passed in, two liquid layers were formed. Electroly- 
sis of the sulfur dioxide layer yielded hydrogen at the cathode and 
bromine at the anode. Water coUected at the cathode in propor- 
tion to the amount of silver deposited in a coulometer, but the 
amount of hydrogen discharged was less than expected, if the only 
ion being discharged was the H3O+1 ion. These facts indicate 
t^t hydrated ions were being discharged as well as hydro- 
mum 10ns. Bagster and Cooling were not able to account for the 

“ Bergstrom, J. Phya. Chem., 30, 12 (1926). 

“ Bagster and Cooling, J. Chem. Soe., 117, 693 (1920). 
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smaller mnount of hydrc^en, but they did siphon off the sulfur 
dioxide layer from the water layer and tiy electrolysis of the sulfur 
dioxide alone. The conductance fell rapidly, and sulfur was de- 
(Kisited at the cathode, but no water. This bdiavior seems to 
indicate that the (solvated) ion was being HisnhargpH to form 
sulfur monoxide. Sulfur monoxide decomposes readily to form 
sulfur and sulfur dioxide. 

Amphoteric reactions such as those of the hydroxides of alumi- 
num and zinc also occur in other solvents. When potassium 
hydroxide is added to insoluble aluminum hydroxide in water, 
the following reaction takes {dace: 



The A1(0H)4~* ion is soluble. It is formed because the aluminum 
hydroxide is acidic, in that the aluminum atom accepts an electron 
pair to fill its empty p orbital. An analogous reaction takes place 
iu liquid anunonia, when insoluble aluminum amide is dissolved 
by potassium amide: 

AI(NH2)8 + NHa-* -» A1(NH2)4-* 


The zinc ion is also a fairly strong acid, and its insoluble com- 


pounds with solvent anirma are often amphotenc. For example, 
in water, liquid ammonia, and facial acetic acid the fdlowing 


reactions occur: • 


Zn(OH )2 + 20H~* -* Zn(OH)4 * (in water) 


Zn(NH 2)2 + 2 NH 2 “* — ► Zn(NH2)4 * Gn ammonia) 
Zn(C 2 H, 02)2 + 2 CaH 302 ~* -* Zn(CaH 302 ) 4 “* C™ acetic acid) 


All the complex aninns formed are soluble. Such reactians occur 
b cc a^i ffc zinc and al uminum ions are faiily strong acids, having 
coosidarable toidency to 611 their empty orbitals. 

••Franklin, The Xitngei* Spttem cif Cowpowufa. Ronhold Publishing CJoipo- 

rmtaoo. New York, 1935. 

“ Davkboo, Chem, Rem., 8^ 175 (1931). 
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All the reactions so far discussed in this section have involved 
amphoteric solvents which, it is assiuned, may ionize. Most of the 
reactions involve the same effect of acids and bases on the concen- 
tration of solvent cations or solvent anions that is observed in 
water. They are “tjrpical” reactions only because they resemble 
those in water, with which we are more familiar. We would expect, 
therefore, that acid-base properties in inert solvents such as ben- 
zene, or in non-amphoteric solvents like pyridine, would not be 
“typical.” In these solvents, there is no possibility of a “typical” 
increase in solvent cations or anions upon the addition of acids or 
bases. Ions are produced when acids and bases react with non- 
mnphoteric solvents like P3nridine and ether, but the ions formed 
are not “characteristic” of the solvent. 

As a rule, no ions are produced when acids and bases are dis- 
solved in relatively inert solvents such as benzene. The assump- 
tion of “protective coatings” to explain the absence of a reaction 
between metals and a solution of hydrogen chloride in benzene is 
unnecessary. In water, metals react more rapidly when an acid 
is present because of the increased concentration of solvent cations. 
The metal reacts slowly with water, even in the absence of the 
acid, but no such reaction takes place in benzene because there 
are no solvent cations with which the metal can react. The state- 
ment is sometimes made that acids dissolved in inert solvents do 
not react with carbonates. But the reaction with carbonates is 
one that does not necessarily depend on solvent cations. It de- 
pends on the strength of the acid required to displace the weaker 
acid, carbon dioxide, from its compound. Lewis * has shown that 
a strong acid like boron trichloride will displace carbon dioxide 
from sodium carbonate in a mixture of carbon tetrachloride and 
acetone. 

The fact that acids are not usually ionized in inert solvents per- 
mits a better determination of their relative strengths than is 
possible in water. In water, perchloric, hydiiodic, hydrobromic, 
hydrochloric, and nitric acids are all practically 100 per cent ion- 
ized, thus appealing to be of equal ^rength. They all have such 
a strong tendency to accept an electron pair that the reaction with 
water goes to completion. Because of this “leveling effect,” as 
Hantzsch called it, there can be no stronger acid than hydrogen 
ion in water. Any acid much stronger than hydrogen ion will 
di^lace it completely. One way in which the strengths of such 
acids can be compared is by measuring them in some inert solvent. 
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This has been done by Hantsch,** who found a gnat diffeRaea m 
the strengths of several strong hydrogen acids. Penddorie b 
the strongest, followed in order by hjrdriodic, hydrobramie, hydro- 
chloric, and nitric acids. 

We have seen that Walden’s fears that Lewis would ddibetately 
eliminate the important part played by the solvent in acid-haae 
properties were groundless. Lewis’s acids and bases, dissolved in 
suitable amphoteric solvraits, have the “typical” properties of 
acids and bases. These “typical” properties are the pr(^)ertie8 
writh which we are familiar from our study of water chraiirtiy. 
Now that we are be^nning to branch out into other fields, we 
may expect to find increasingly that the electronic theory <d iw nds 
and bases is the only one so far proposed that is at all adequate. 


4. The Extent of Acid-Base Phenomena. 

The measure of correlation to be effected by the dectronic theory 
of acids and bases can be surmised by recalling that all the sub- 
stances that Sidgwick * called electron-pair acceptors and donora 
are really acids and bases. There is no need for any odier name 
for them. The list of bases compiled by Br0nsted and his fdlowets 
is identical as far as it goes with that of Lewis, but their list of 
acids is limi ted because of their insistence upon the criterion of 
proton exchange. “To restrict the group of acids to those sub- 
stances which contmn hydrogen interferes as seriously with the 
systematic understanding of chemistry as would the restrictimi of 
the term oxidiang agent to substances containing oxygen.” * 
There is little doubt that the recognition of acids as electron-pair 
acceptors and bases as electron-pair donors will lead to as great a 
degree of systematisation as did the recognition of oxidising agents 
as electron acceptors and reducing agents as electron donors. 
Furthermore, the possibility of correlating the two types of phe- 
nomena now appears for the first time. This correlatitHi will be 
attempted in the next chapter. 

The rapid growth of the list of basic substances evident tanoe 
the advent of the Br0nsted theory has already made acceptable 
to most chemists the idea that almost any atom or group of atoms 
may act as a base if a strong enough acid is used. The dectronic 
theory supplies the explanation. Most atormc groupings are sur- 
rounded by some lone pairs of dectrons which can be utilued by 

» Hantssch, Z. ph'gsik. Chem., 134, 406 (1928). 


THE EXTENT OF ACII>-BASE PHENOMENA 


69 


a sufficientiy strong acid to form a coordinate bond. Even the 
“inert” gases can act as bases by donating one or more pairs of 
their outer octets to strong acids. Booth and Wilson,” who 
demonstrated the existence of the boron trifluoiide compounds 
with argon, suggested that more stable compounds would be ob- 
t^ed with krypton and xenon. Lewis ^ also su^ests that, since 
sulfur trioxide is in general a stronger acid than boron fluoride, 
even more stable addition compounds will be formed between 
sulfur trioxide and the “inert” gases. 

The list of substances which can, under proper circumstances, 
behave as acids is perhaps not quite so extensive, but for practical 
purposes can be regarded so. Now that the octet theory has been 
abandoned, we are not so reluctant to a dmi t that hundreds of 
compounds may act as acids by accepting shares in electron pairs 
even though they already have eight bonding electrons. Two 
examples of such very reactive compounds (strong acids) are 
stannic chloride and silicon tetrafluoride : 



which form ions: 



^ some ways we might think of acidic or basic tendencies as 
being due to the properties of atoms themselves, but this idea 
may be misleading, as the following example shows. Sulfur triox- 
ide is a strong acid because in it the sulfur atom has a great tend- 
ency to accept an electron pair, but the sulfide ion is a fairly strong 
base. Davy was not so far from the truth when he said that acidity 

does not depend upon a particular element, but upon the arranee- 
ment of atoms. ® 

” Booth and Wilson, J. Am. Chem. Soc., 67, 2273 (1935). 
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The Wo preceding paragraphs have implied that many aib* 
stances may act ather as acids or as bases, depmding upon the 
particular reaction under consideration. Amjdioteiic behavior 
seems to be much more widespread than was pievioudy supposed. 
Aluminum hydroxide 

H 

: 0 : 

H:0:A1 

“ :b: 

H 

is obviously amphoteric because the aluminum atom can accept a 
share in an electron pair from a base, or the hydro^grl radicals can 
donate a share in one of their electron pairs to an acid. But even 
strong acids like hydrogen chloride must also be considered amr 
photeiic from the electronic viewpoint. The electronic formula 


H:a 


shows the possibility of basic behavior because of the three lone 
electron psurs on the chlorine atom. This prediction is borne out 
expoimentsdly by the restctions of hydrogen chloride with the 
nfrong acids sulfuT tzioxide and stannic chloride to form addition 

compounds. 

Frecpiently, consideration of the electronic structure will reveal 
whether a molecule is primsuily a^sdic or bsudc and sometimes win 
give an Mew, as to its strength as an acid or base. It is focmd 
er perimen twlly that these fusids suttd basBS, ^en sufficient dif- 
feimioe in strength, combine “without impediment.” Lewis c^ 
jep neh wciHa and bases pninory.* No heat of activaticm is reipiiied 
for the neutralization a primary swad by a primary base. On 
the other hand, certain substances that experimentally behave 
like acids, e.g., CMrbon dioxide and organic add halides, have deo- 
trmuc formulas which, as usually written, do not show the possi- 
bility of their acting as electron-pair acceptors. Such adds and 
bases are caUed secondary by Lewis. Neutralization of some of 
fhpww ^iLgtwncca is measurably slow. Their neutralization appar- 
ently requires heat of activation. Lewis suggests that such second- 

“ nigigy and Audrietb, J. Am. Chtm. Soc., 61, 3392 (1939). 
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ary acids and bases are not acids or bases in their normal states of 
lowest energy, as represented by the electronic formulas usually 
^VTitten, but may become acids and bases through excitation. 
These substances act like acids and bases, except that their neu- 
tralization is slow, but their electronic formulas do not indicate 
such behavior. Perhaps some of the difficulty lies in the 
formulas. 

It has been known for some time that the properties of the 
carbon-oxygen double bond are not well represented by the usual 
formula. Lo\vry suggested in 1923 that, instead of representing 
the carbonyl group as 

R 2 C: :0: 

the formula 

(+) ••(“) 

R2C:0: 

should be used. (The plus and minus signs in parentheses indi- 
cate electrical dissymmetry; they are not intended to represent 
unit charge or to indicate valence.) Since the carbon atom in the 
second formula has only six electrons the possibility of acidic be- 
havior is indicated. Basic behavior should be evident also through 
the electron pairs on the oxygen. Compounds containing such 
groups should be amphoteric. The familiar addition reactions of 
aldehydes confirm this conclusion. The first step in such reactions 
can be represented by the following equations: 


H :C1: 

• ••• •• 

H 

A A A A 

Cl: 

A A A 

R:C:0: + A1:C1: - 

R:C:0; 

A A 

w w w w 

A1:C1 

:C1: 

A ^ 

W V 

4 

1 

Cl: 

w 9 

base acid 


# • 

H H 

H 

H 

R:C + :N:H - 

-> R:C : 

s 

N:H 

• • • • 

:0: H 

• • 

:0: 

P • 

H 


acid base 


The acid halides exhibit more definite ^^tjqiicaP^ acidic behavior in 

one respect, because they can react with water to increase the con- 
centration of hydrogen ions : 
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:cl: H ;Ci:H 

R— C+ :6:H R— C:0:H -♦ R:C:6:H +H+* + 

• to •• ## •• mm mm 0^ 

: 0 : : 0 : : 0 : 

toto •• •• 

add base 

1 .. 

R:C:6:H 

mm mm 

to to 

:0 

toto 


Carbon dioxide is another example of a “secondary” add. Assum- 
ing that the activated molecule can be represented by a formula 
■«ninila.r to that just used for the carbonyl group, the reaction be- 
tween carbon dioxide and water could be written: 


to to •• 

: 0 : : 0 : 

"c + :6:H C:0:H 




Another type of “secondary” behavior is evident when ampho- 
teric molecules partially or wholly neutralize each other, or when 
molecules are neutralize by the solvent in which they are placed. 


For example, the acid A may be dissolved in the weak base B and 
be neutralized, in that the stable electron configuration of Ihe 
acidic atom has been attained by acceptance of electron pairs from 
the base. Yet, if a stronger base is added, the stronger base 
will replace the weaker one in combination ■with the acid. 


Bi + AB AB' -I- B 


Such reactions will be discussed in greater detail in Chapter 8. 
They usually i^uire activation, but in many reactions the activar 
tion energy is s^all enough to be ignored. This seems to be true 

of the reactions of m(»t hydrogen acids. 

Another extension of the idea of adds and bases involves adifie 

and basic radicals in organic compoimds. For e^mple, the 
familiar ortfeo-poro-directing groups for substitutions in Ihe ben- 
zene ring are basic. They have electron pairs that they can s^ 
with a neighboring atom. The »ncta-directing groups are amdre. 
They can share an electron pair possessed by a nei^boring atom 
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The action of the acid and basic radicals in directing substituents 
will be considered in Chapter 5. 

Many compounds which at first glance seem to offer no possi- 
bility of behaving as acids or bases may be forced to do so by reac- 
tion with strong bases or acids. For example, in the sulfonation 
of benzene by sulfur trioxide, the simplest explanation would seem 
to be that the SO 3 molecule coordinates with two of the electrons 
from the benzene molecule as follows : 



Thus a very strong acid can force even benzene to behave as a 
hase. Similar behavior induced by other strong acids like alumi- 
num chloride and boron trifluoride can be postulated to clear up 
a great deal of the mystery which imtil quite recently surrounded 
catalysis of the type observed in Priedel-Crafts reactions. This 
kind of catalysis will be dealt with in the concluding chapters. 

One striking illustration of the simplification of chemistry made 
possible by the Lewis theoiy occurs in the hydrolysis of salts. 
According to the electronic theory, any sufficiently strong acid or 
base will increase the concentration of cation or anion in an ioniz- 
ing solvent. When a test with litmus shows a salt solution to be 
acidic or basic, a single simple equation is often aU that is necessary 
by way of explanation. For example, the hydrolysis of zinc 
chloride may be represented by the equation 

Zn+2 + HOH -> ZnOH+» -|- 

The explanation is simply that the zinc ion in zinc chloride is 
acidic. 

The solubility of some salts in pyridine and other amines of low 
dielectric constant is more readily understood in terms of add- 
base behavior. The metaffic ion, being acidic, coordinates mole- 
cides of solvent about it. Silver salts in pyridine, ethylenedia- 
niine,“ and other amines » show “abnormal” conductance curves. 

“ Bromley and Lnder, J. Am. Chem. Soe., 66, 107 (1944). 

“Ebey, J. Am. Chem. Soe., 42, 2454 (1920). 
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A possible explanation lies in the fact that the silver ion is a fai% 
strong acid. For example, Bromley and Luder “ measured the 
conductance of potassium iodide, silver nitrate, and silver 
in ethylenediamine. It was hoped that potassium nitrate could 



'Tc XIO*. 

J. Am. Cham. Boe., 66, 108 (lOM). 

Fig. 3. 


also be measured to permit comparison of Aq values, but it proved 
too insoluble. Figure 3 and Table 1 summarise the data (a is the 


“ion rise”). 


TABLE 1 


Saivt 

Ao 

Jf X10« 

a X 10^ 

K1 

69.2 

6.02 

5.34 

AgNOa 

61.4 

8.07 

5.98 

Agl 

48.8 

0.431 

3.84 ♦ 


* T hin mtliia iiiui lit tJp wimaming , since othcT than ooalonib foTces 816 mvolved. 


It is not surprising that the solubility of potassium nitrate ra 
too low for conductance measuiem^ts. The potasrium ion tos 
very little tendency to ccxndinate with bases. Silver nitiste (be^ 
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cause of the acidic silver ion) and potassium iodide (ijecause of 
the amphoteric nature of the iodide ion **) behave about as ex- 
pected. Both the silver and the iodide ions are probably solvated 
by the highly basic solvent. “Normal” conductance behavior is 
observed in that greater ion size as indicated by lower Ao is asso- 
ciated with a larger value of K (Table 1). 

At first glance, the behavior of silver iodide seems rather sur- 
prising. The low Ao value indicates larger ions, as would be ex- 
pected, since both ions should be solvated rather than only one, 
as in potassium iodide and silver nitrate. But K, instead of being 
larger, is actually only about one-fifteenth the values for the other 
two salts. The explanation may lie in the fact that the model, 
upon which the exp)ectation of a high K value accompanying low 
mobility is based, assumes only the presence of coulomb forces 
between the ions.** In silver iodide additional forces are present 
which make K less than predicted when coulomb forces alone are 
involved. These forces are of the acid-base type. The amphoteric 
nature of the iodide ion is beginning to be appreciated and is here 
substantiated. The results for silver nitrate and pota.ssium iodide 
indicate that both silver and iodide ions are acting as acids in their 
association with the highly basic solvent. But toward the acidic 
silver ion the iodide ion acts as a base, tending to donate a pair of 
electrons to give covalent character to the bond between the two 
ions. The presence of these additional forces decreases K to a, 
value far below that expected from the low value of A©. This 
conclusion is supported by the fact that, while AgCl and AgBr 
crystallize in ionic lattices, crystalline Agl has the zinc blende 

structure, in which the atoms are held together by covalent 
bonds.*® 

Tables 2 and 3 summarize some of the simpler fundamentals of 
the electronic theory of acids and bases. 

“ The basic nature of the iodide ion has long been accepted by followers of 
Br 0 nsted. The acidic nature of the iodide ion is due to its ability to take on 
additional electron pairs. The ion itself contains only eight electrons, but the 
iodine atom is capable of holding more valence electrons, as shown by the 
formubs of the covalent compounds IClj and IF 7 discussed in Chapter 2 . 
Additional information on this point may be obtained from the review by 
R. B. Sandin {Chem. Revs., 32, 249 [1943]). 

“Fuoss and Kraus, J. Am. Chem. Soc., 68 , 1019 (1933). 

“Palmer, Valency: Classical and Modem, Cambridge University PressL 
Cambridge, England, 1944. ^ 



TABLE 2 

AciikBabe Reactions in General 
(H** used for simplicity) 

Description Acid Base Product 

Ne^Uralizaiion 
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Although consisteiit apphcatiom of the electronic theoiy of acids 
and bases ^plifies and esystematiaes a great deal of chemistry, the 
amount of correlation can be increased still further by devdoping 
the rolatianship between adds and bases on the one hanH and 

oxidising and reducing agents on the other. This will he done in 
the following chapter. 


Chapter 4 

ELECTROPHILIC AND ELECTRODOTIC REAGENTS 


1. The Resemblance of Oxidation-Reduction to Acid-Base Reactions 

2. Electronic Reactions 

3. Amphoteric Behavior 

4. Odd-Electron Molecules 

5. Classification of Chemical Reactions 
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1. The Rese 
actions. 


II 


blance of Oxidation-Reduction to Acid-Base Re- 


The experimental relationship between acids and oxidizing agents 
is a dose one. In fact, as has been pointed out in Chapter 3 , the 
‘‘typical” effect of an add solution on metals is due to the oxidizing 
action of the solvent cation; for example: 


28 


and 


i 

Mg + 2 H+» 


Mg'*"* -|- Ha (in water) 


2s 


i X 

Ca CO"^* — » Ca"^* -|- CO (in phosgene) 


The addic cation of the solvent in this particular tjrpe of reaction 
is behaving not as an acid but as an oxidizing agent. The action 
of basic anions upon non-metals (already referred to) is compar- 
able. Hydroxyl ions in water, and amide ions in liquid ammonia, 
reduce active non-metals, for example : 

2F2 + 40 H-^ -> 4 F-^ + O2 + 2H2O (in water) 

and 

3I2 + 6NH2~^ —* 6I~^ + N2 + 4NH3 (in ammonia) 

These experimental data show the close relationship between 

acids and oxidizing agents on the one hand and bases and reducing 

agents on the other, but occasionally a comparison ha.*; been 

attempted which, at first glance, seems to lead to an opposite 
condusion. 

A formal analogy is worked out as follows: A reducing agent is 
an dectron donor. An acid is a proton donor. An acid, therefore, 

69 
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resembles a reductant in that both are donors. An add 
donate protons unless a base is present, nor can a redudng 
donate electrons unless an oxidizing agent is present to accept 
them. Both t3rpes of reactions are mutual r^airs betwem the 
acid and the base, or between the oxidant and the reductant. For 
example, the equation 

2e 

f I 

Zn” + Cu+2 ^ Zn+2 + CJu" 

Teductanti osidants andanti tednetantt 

is similar to the type equation of the Br0nsted theory: 

ip 

( 1 

HCl + H2O ?:± H3O+" + 

aodi baset add^ lisaei. 

This mutuality is regarded as a confirmation of the analogy. . 

Actually the analogy between the two equations depenib upon 
the fact that the typical add-base reaction of the Breasted thraiy 
represents only one of the four experimental criteria of acid-base 
phenomena — displacement. (Displacement wiQ be considered in 
detail in Chapter 8.) The whole analogy is only a formal com- 
parison, and, of course, its advocates do not claim that it shows 
any definite relationship between acid-base and oxidation-reduo- 
tion reactions. 

TJsanovich attempted to explain the relationship by induding 
oxidation as a special case of acidic bdravior.^ Reduction was 
considered a ^recial case of bade behavior. Chlorine was listed as 
an acid and sodium as a base. This classification has more esperi- 
mental justification than would appear at first glance. Sodimn, 
when reacting with water, increases the concentration of solvent 
aninn.<=i as do bases when dissolved in many amphoteric solvents: 

2Na + 20H-* -|- 2Na+‘ + Ha 

The corresponding profierty of acids in amphoteric solvents, 
namely, the increase in solvent cation concentration, is exhibited 
by chlorine: 

CI2 + H2O 2 H+^ + cr^ + oa-^ 

On tlie other hand, some oxidudng and reducing ag^ts do not 
have such properties of acids and bases. For example, the per- 
manganate ion is a strong oxidizing agent, but it is not an acid. 


* Usanovich. Gen^ Chem. UJSJS.B,, 9, 182 (1989). 
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It seems, therefore, that a more general classification is necessary, 
one that wiU include both types of behavior. 

2. Electronic Reactions. 

An inclusive classification can be made by dividing the reagents 
that take part in acid-base and oxidation-reduction reactions into 
two types. Electrophilic reagents are those that gain electrons in 
the reaction \mder consideration. Electrodotic reagents are those 
that lose electrons in the reaction imder consideration. The term 
eledrophUic has been in use for some time to refer to reagents such 
as chlorine molecules and hydrogen ions which have an attraction 
for electrons. Those reagents which, like sodium, give up elec- 
trons readily have been called nttcleophilic. Electrophilic seems 
to be a good word to retain, since it graphically d^ribes the 
theoretical action of the reagents to which it applies. But nucleo- 
philic is an unfortunate choice. It is difficult to picture sodium or 
other strong reducing agents as actually nucleophilic. A term 
that indicates ability to give up electrons readily is more appro- 
priate. Eledrodomic (Gr. didomi, to give) was the term originally 
Buggested,^ but, as pointed out by Professor N. F. Hall, electrodotic 
seems better etymologically.* Some reagents may be electrophilic 
under one set of conditions but electrodotic imder another set. 
This double behavior is already familiar as far as acid-base phe- 
nomena are concerned; the word used to describe it is “ampho- 
teric.*’ For lack of a better one, we mi^t as well use the 
word to apply to oxidizing mad reducing agents. When a reagent 
is acting as an acid or an oxidizing agent, it is electrophilic. When 
it is acting as a base or a reducing agent, it is electrodotic. 

Both acids and oxidizing agents are electron acceptors. An 
acid accepts a ^are in an electron pair held by a base; an oxidizing 
agent takes over completely the electrons donated by a reducing 
agent. Both are electrophilic and in many cases may act either 
as acids or as oxidizing agents: 


H+‘ H- 


• 4 


aeid 


le 


i 1 

H+» -H Na 

<nidlaiit 

*Liider, Chem. 'Rem., 27, 647 (1940), 
* HalL J. Am. Chem. Soc., 63. 883 (] 


H:0:H 


Na+^ -h iHa 
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Both bases and reducing agents are electron donors. A base 
donates a share in an electron pair to an acid; a reducing 
loses electrons completely to an oxidi^g i^ent. Both are eleo- 
trodotic and may act either as bases or as reducing 

+ H+i H:0:H 

base 

2e 

.( i 

2H:0:-* + Fg ^ 2F-^ + fOz + HgO 

rednctant 

A fiew reagents are listed in Table 1 according to some manifes- 
tations of their electrophilic and electrodotic tendencies. The 
most active oxidising agent, fluorine, is placed at the top of the 


TABLE 1 


EmCTBOPBlLIC AMD E^LBCTBODOnC RSAGENTS 


EUdrophiHc Rea^efUs: 

Adds and Oxidants 

Number of electrons accepted 

By sharing By tzansfe 
agent (Acid) (Oxidant) 

2 

>4“‘ 5 

2 

^ 2 

> 2,4 2 

A(OHk 2. 4 2 


F, 

Mn04 ^ 

a* 

Sn+* 

HiO 

C4H4(0H), 

SOt 

Ag+^ 

Cu+* 

CHsCOa 

na 

BFs 

so. 


2,4 

2,4 

2,4 

2,4 

8 

2 

2 

2 

2 

2 


1 

1.2 

1 

? 


€b 


NH,-i 

OH-^ 


Electrodotic Beaffenis: 

Bases and Beductants 

Number of electrons donated 

By Glaring By transfer 
agent (Base) (Rednctant) 

1 


2 

2 

2,4 

2 

2 

2 

2 

2 

2 

2,4,6 

2 

2,4 


na 

i-i 

CsBUiOHh 

CdH,N 

CN-^ 

NH, 

(CtH,),N 


list of electrophilic reagents and one of the strongest acids, sulhir 
trioxide, is at the bottom. The order is roughly that of incieaang 
acid strength downwmd. The list of dectrodotic reagents is 
arranged correspondin^y, with the strongest reducing agmtj, 
cesium, at the top and the strongest bases toward the bottom. 
Appai^tly some of the strongest oxidising agents do not act as 
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acids, nor do some of the strongest acids act as oxidizing agents, 
A similar relationship appears to hold for electrodotic reagents. 

Discussion of a few examples from Table 1 should help to clarify 
its significance. As shown above, hydrogen ion acts as an acid in 
accepting a share in an electron pair from the hydroxyl ion, but 
towsurd an active reducing agent such as sodium it behaves not as 
an acid but as an oxidant. Silver ion acts as an acid in accepting 
a pair of electrons from hydroxyl ion to form silver hydroxide 

Ag+i + Ag:0:H 

• % • • 

add base 

which decomposes to silver oxide. It also acts as an acid in react- 
ing with amm onia or cyanide ion to form complex ions : 

Ag+i + 2 NH 3 Ag(NH3)2+' 

Ag+^ + 2CN-1 Ag(CN)2~^ 

add base 

Toward reducing agents the silver ion acts not as an acid but as 
an oxidizing agent: 

2Ag+i + Cu° ^ 2Ag° + Cu+2 

oxidant reductant 

Hydroxyl ion acts as a base in sharing a pair of electrons with 
hydrogen ion to form water, but it acts as a reducing agent in 
giving up electrons to the oxidant fluorine. Amide ion behaves 
as a base toward ammonium ion 

NH2“^ + 2NH3 

base 

but as a reductant toward iodine : 

6 NH 2 -^ + 3I2 61 '^ + 4NH3 + N2 

reductant 

Cyanide and sulfide ions react as bases toward water 

CN-^ + H2O HCN + OH-i 

S-2 + 2 H 2 O ^ H 2 S + 20H-1 

base 

but as reductants toward oxidizing agents. For example, the ease 
srith which sulfide ion is oxidized by ferric ion is well known: 

S-2 + 2Fe+3 -» S” + 2Fe+2 

reductant 
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Iodide ion is a very weak base but does react with some adds to 
give stable complex ions, e.g., 

41-1 + Hg+2 ^ Hgl4-2 

base 


On the other hand, it is a good reducing agent, being eadfy oxidised 
to free iodine: 

21-1 + az 2C1-1 + Iz 

rednctant 


3. Amphoteric Behavior. 


Four of the substances included in Table 1 — ^water, hydrog^ 
chloride, hydroquinone, and stannous ion — appear in both col- 
umns. This is entirely in accord with the familiar behavior of 
acids and bases described by the term ‘‘amphoteric,” We pro- 
pose to use the same term to apply to the corresponding behavior 
when it is encoimtered in oxidation-reduction reactions. 


It is an experimental fact that the same substance may under 
properly chosen conditions act as an acid, a base, an oxidising 
agent, or a reducing agent. For example, water acts as an acid 
toward ammonia, as a base toward sulfur dioxide, as an oxidizing 
agent toward active metals, and as a reducmg a^nt toward fluo- 
rine (Table 2). Water is not only amphoteric in the usual sense 
but also is both an oxidizing agent and a reducing agent.^ The 
same is true of many other substances besides water. Most re- 
agents cannot be arbitrarily classified as acid or base, or as oxidiz- 
ing or reducing agent. Their behavior depends upon the speofic 
circumstances of a particular reaction. Therefore, the words eleo- 
trophilic and dectrodotic are relative terms, depending upon con- 
ditions. They refer to the behavior of a substance as it acts in the 


particular reaction under consideration. 

Continuiiig with the other substances listed on both ddes of 
Table 1, hydrogen chloride is ordinarily thoi^t of as a stroi^ 
acid, but it behaves as a base toward sulfur trioxide or stannic 
chloride (Chapter 3). On the other hand, the hydrogen ion acts 


* Note that, as shown in Table 2, a reducing agent as as a base may 
increase the oonoentration of solvent anions. Also an oxidizing agent 
as an acid may increase the concentration of solvent cationa Thu^ accordn^ 
to the theory of solvent systems, sodium would be a base and fluonne m aa<L 
This ooncluaon is one more illustration of the inadequacy of the idea that 

and bases be defined in terms of ions. 
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as an oxidizing agent toward active metals, but the chloride ion 
acts as a reducing agent toward strong oxidizing agents such as 
permanganate. 

TABLE 2 

AifPHOTERic Behavior op Water 

Electrophilic 

H 2 O + NHa OH-^ + NH4+^ 

acid 

2 H 2 O + 2Na 20H-> + 2Na+* + H» 

oxidant 

Elecirodotic 

H 2 O + SO 2 — H+> + HS02-‘ 

base 

2 H 2 O + 2 F 2 4H+‘ + 4F-* + O 2 

reductant 

Hydroquinone is similar to water and hydrogen chloride in its 
amphoteric behavior. It can behave both as an acid toward bases 
and as an oxidizing agent toward reducing agents because of the 
presence of the labile protons. Or it may act both as a base toward 
acids and as a reducing agent toward oxidizing agents (particu- 
larly in water) because of the hydroquinone ion. The familiar 
reactions of the closely related quinone again illustrate the need 
for an extension of oiu" ideas of amphoteric behavior. Quinone 
as an oxidizing agent is electrophilic, but as a base it is electrodotic. 

Stannous ion, as far as its more familiar reactions are concerned, 
is amphoteric in oxidation-reduction reactions but is not in general 
to be thought of as amphoteric in acid-base reactions (one would 
expect its basic properties to be extremely weak). 

These examples should be sufficient to illustrate the necessity 
of avoiding the idea that very many substances can be classified 
arbitrarily as electrophilic or electrodotic. The terms are very 
useful, but they are relative terms applying to a substance only 
as it behaves in the particular reaction under consideration. 

4. Odd-Electron Molecules. 

Odd-electron molecules (often called free radicals) can behave 
either as electrophiles or electrodotes or even as both simultane- 
ously. Probably the outstanding examples are the triarylmethyl 
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compounds. For example, hexaphenylethane b partially dia- 
sociated in benzene solution to give triphenylmethyl * 



in which the central carbon atom has seven electrons. Neverthe- 
less it is an electrically neutral molecule comparable to another 
odd-electron molecule, namely, nitrogen dioxide. Probably tri- 
phenylmethyl should no more be called a “free radical” than 
nitrogen dioxide. They are both similar in associating into double 
molecules and for the same reason. Each molecule has one un- 
shared electron. 

^Tien two triarjdmethyl molecules associate, each one is acting 
simultaneoudy as an electrophilic and as an electrodotic reagent 
to form a covalent bond: 



On the other hand, the triarylmethyl molecule may act as a 
reducing agent (an electrodote) to form a carbonium ion; 



6 Gilman, Oryonic Chetnistryy John Wiley & Sons, New York, 1938. 
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or it may act as an oxidizing agent (an electrophile) to form a 

carbanion : 



Obviously odd-electron molecules must also be classified as am- 
photeric. 

6. Classification of Chemical Reactions. 

In view of the amoimt of systeiioatization and simplification in 
chemistry made possible through the classification of substances 
as electrophilic or electrodotic according to the way they behave 
in specific reactions, a natural question to bring up is: How does 
this new classification of reactions affect the older one? In the 
past, chemical reactions have been listed as (1) combination, 
(2) decomposition, (3) displacement, (4) metathesis, (5) neutral- 
ization, and (6) oxidation-reduction. This scheme has already 
been criticized by Hazlehurst.® With the Br0nsted theory in 
mind, Hazlehurst su^ests using only three types in place of the 
f amili ar six: acid-base, oxidation-reduction, combination-decom- 
position. His third classification seemed necessary because of the 
limitation by the Br0nsted theory of acids and bases to proton 
donors and proton acceptors. For example, since the reaction 

SO3 + H2O — H2SO4 

is considered neither an acid-base nor an oxidation-reduction reac- 
tion, the third classification is required. According to the Lewis 
theory this is an acid-base reaction. From the broader viewpoint 
it is apparent that most of the other reactions included in the 
combination-decomposition type by Hazlehurst can be assigned 
to either the first or second. However, there is one class of reac- 
tions which cannot be reassigned in tl^ way, namely, reactions 
involving combination of odd-electron molecules or the decomposi- 
tion of the product of such combination. 

® Haalehurat, J, Chem. Edtuxttum, 17, 466 (1940). 
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We suggest the following modifications in Hazlehurst’s classifi- 
cation of chemical reactions: ( 1 ) broadening the first nl 5 tgg to 
include all acids and bases as well as proton donors and proton 
acceptors; ( 2 ) limiting the third class to odd-molecule reactions. 
The three classes then become: 


I. Acid-base reactions. 

II. Oxidation-reduction reactions, 
m. Odd-molecule reactions. 


More than one class may be involved in a ^ven reaction. 

One advantage of such a classification is that, while it is based 
upon experimental data, it also has a simple theoretical basis. 
Acid-base reactions involve coordinate covalent bonds; oxidation- 
reduction reactions involve changes in valence; odd-molecule reac- 
tions involve simple covalent bonds. The following comparison 
illustrates the differences between the suggested classification and 
the cdder one: 

1. Comirinaiion may involve neutraliaation, oxidation, or com- 
binatirm of odd-electron molecules, e.g., 

BCI3 + NH3 -» lH3N->BCl3l (acid-base) 

2Na -1- CI 2 —*■ 2NaCl (oxidation-reduction) 

NO 2 + NO 2 — ♦ N 2 O 4 (odd-molecule combination) 

2. Decomposition may be merely the reverse of the above reac- 
tions. 

3. Displacement is ordinarily associated with either acid-base or 
oxidation-reduction phenomena. For example : 

Zn-|-CuS 04 ZnS 04 -|- Cu (oxidation-reduction) 

HCl + H 2 O HsO'*'* + Cl~^ (acid-base) 

(Displacement reactions involving acids and bases will be con- 
sidered in Chapter 8 .) 

4 . Metathesis in the usual sense, according to our preset under- 
standing of electrd 3 rtic reactions, does not occur at all. When 

term was first proposed for such reactions, their true nature 
was not understood. The reaction which then was written 

NaCl + AgNOa NaNOa + AgCl 



19 now written 


Ag+‘ + C1-* 
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and is usually regarded as combination. But even this classihca- 
tion is unnecessary, since the formation of a precipitate depends 
upon solubility. Even the “reaction” 

Na-^^ + Cr^ NaCl 

will take place if the concentrations of the two ions in solution are 
high enough, for example, upon evaporation of the solvent. Evi- 
dently “metathesis” is merely a matter of solubility, not a class 
of chemical reactions. 



Chapter 6 

ACIDIC AND BASIC RADICALS 


PAGB 

1. Introduction Sq 

2 . Acidic Radicals 31 

3. Basic Radicals 22 

4. Mechanism of Ring Substitution 34 

5. Ease of Ring Substitution 35 


1. latroduction. 

The classification of chemical substances as electrophilic and 
electrodotic according to their behavior in their reactions with 
other substances can be extended to radicals in a molecule. When 
this is done, a flood of li^t is thrown upon the nature of acid-base 
catalysis. Ingold,' Robinson,^ and others have already done 
much to clarify many organic reaction mechanisms, but the elec- 
tronic theory of acids and bases provides a measure of correlation 
and insight which so far is unobtainable by any other method. 
Generalized acid-base catalysis will be considered later. In this 
chapter we Rball deal primarily with the effect of acidic and basic 
radicals in the benzene ring. 

Various terms have been proposed to describe what we here call 
acidic and basic radicals. The principal ones are (1) electrophihc 
and cationoid for acid radicals and (2) nucleophilic and anionoid 
for basic radicals. The reasons for preferring ehctrophUic and 
electrodotic to describe general behavior have been ^ven in the 
preceding chapter. In this chapter we are concerned with the 
specific acidic and basic nature of the radicals, so the terms acidic 

and basic will be used. 

The electronic theory of acids and bases is very helpful in ex- 
plaining the orienting effects produced by many functional groups 
attached to benzenoid compounds. The acidic radicals (electro- 


* IngoldL Cheat* Itevs*^ IB, 225 (1934). 

* Ingold, Rec, trwf. chem*, 48, 797 (1929). 

* Robinson, /. Soe, Dyers Colourists, JvbQee /oumoZ, 1934, pp. 65-76. 
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philic or electron-withdrawal groups) are those that produce 
mainly a meUirdir&Aing influence on subsequent ring substitutions. 

O 

II 

Such groups as carbonyl ( — C5 — ), sulfo ( — SO 2 OH), cyano ( — CN), 
and nitro ( — ^N02) fall in this category. The basic radicals (elec- 
trodotic or electron-release ^ groups) are those that produce mainly 
an ortho- and paro-direeting influence. Some of these groups are 
the amino ( — ^NH 2 ), substituted amino ( — NHK or — 
hydro^l ( — OH), and alko^l ( — OR) groups.* 

2. Acidic Radicals. 

The acidic characteristics of these radicals are often ascribed to 

a displacement of an electron pair ('^) which results in an electron 

deficit on one atom (Chapter 2). This atom thus becomes acidic 
(electrophilic). 




— S— OH 



I 

a m 

:o: 

— *s— OH 

:b: 




The sulfur atom in the sulfo group is also made electrophilic (to 
reahze its covalence maximum, as discussed in Chapter 2), by the 
electron displacements (v_,) shown. 

The presence of these acidic radicals in a benzenoid system 

results in a neutralization within the molecule. For example, the 

electrophihc nitrogen of the nitro group behaves as an acid and 

Mcepts a share in an electron p^ belonging to the phenyl group. 

The phenyl group thus behaves as a base by furnishing an electron 
pair to the nitrogen atom. 

‘ to hydrogen. 

0»9a»ac Chemistry, John Wiley & Sons, VoL H, 1943, pp. 
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In the following formulas the unshared pairs of electrons are 
represented by writing a dash (for Kich electron past) paialld 
rather than perpendicular, to the symbol of the atom. 



Whether or not a double bond is actually formed by this neu- 
tralization is unimportant. The acidic nitro group would, never- 
theless, cause the ortho carbon to become electrophilic because of 
the resulting shift of an electron pair toward the acidic nitro^n. 
These electronic shifts, and those shown below, would produce 
low electron densities at the ortho and para carbons and relatively 
hi^ electron densities at the meta carbons. 





The acidic functional groups produce two main effects on the 
phenyl groups: (1) relatively increased electron densities at the 
meta pomtions, and (2) reduced overall electron density of the 
ling due to electron withdrawal from the ring. 

3. Bade Radicals. 

The baric radicals behave as bases because they contain un- 
shared pairs of electrons which they can share with any dectrn- 
phiBc group. The phenyl group may behave as an “dectrrm 
sink*’; it accept a share in a pair of electrons supplied by basic 

(electrodotic) groups. 



BASIC RADICAI5 


83 

S 


I 



The basic groups are thus neutralized by tiie acidic phenyl 
group. The result of these electron shifts (v^) is an increase in 
electron density on the ortho carbon atom. These in 

turn, increase the electron density on the other ortho and para 
carbon atoms. 


H 

I 

N-H 




O-CiH, 





H 


I 


N— H 




0-H 


O-CJi, 
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The basic functional groups produce two msun ^ects <m the 
phenyl ^oup: (1) increased electron denedties at the orOo and 
para positions, and (2) increased electnm density of llie ring due 
to electron release toward the ring. 

4. Mechanism of Sing Substitution. 

A discussion of the effect of acidic and base functional groups 
on the benzenoid ring would not be complete without a brief men- 
tion of their relationship to the mechanism of substitution on the 
ring. 

Ingold,^* Robinson,* and Price* have laid the foimdation of, 
and also elaborated on, an electronic interpretation of ring substi- 
tutions. The orientating influence of acidic and baric radicals 
can be adequately explained if it is assumed that the substituent 
is an acid radical.* 

The experimental evidence *•* indicates that the substitutiem is 
probably produced by the action of “positive fragments” on the 
benzenoid system. These electrophilic (acidic) fragments are 
either produced by cataljrsts “ or if already present their concen- 
tration will be increased by the presence of a catalyst (Table 1). 


TABIiE 1 


Ri&AGENT 

CaTAIiTST 

PosmvB 
F&aghbnt 
(Strong Acid) 

Nbgattvs 
Fragmknt 
(Wbak Base) 

GfiE^zHr; 

FeBn 

i 


FcBr4“^ 

• # 

:0 

m m 

CHr-C:a: 

Aids 


ir 

LcB[s— c J 

A1CU-* 

:a:d; 

• • • • 

BCk 


[=^r 

BCU“‘ 


These strongly acidic “positive fragments” 'mil attack the ben- 
zenoid rings at the points of high electron density. In the previous 
section we have shown that acidic radicals will increase the rieo- 
tron density at the meta positions, whereas the baric functional 

‘Price, Chem. Bees., 29, 53 (1941). 

7 Luder and Zuffanti, Chem, Bees., 34, 350 (1944). 

* Bodendoif and Bohme, Ann., 616, 1 (1935). 

• Wertyporoch and FSrla, Ann., 600, 287 (1933). 

» and Wibeig, Ber., 63B, 1136 (1930). 
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groups will mcxease the electron density at the ortho and para 
positions. 



tiaaB add 


The resulting intermediate products of these reactions are 
thermodynamically unstable compounds that become stabilized 
by proton expulsion to return to a resonating benzenoid structure r 



» is to be kept in mind that tiie benzenoid formula shown fo) 
final compound represents only one of many possible reson 
1 structures. The formula is not presented as being the on< 
only correct electronic configuration. To represent the mech 
m of a further substitution we would haw 


oic effect produced on the benzenoid ring 

Pfeiffer and Wizinger, Ann., 461 , 132 ( 1928 ). 
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already present. In this manner we would know the points of 

high electron density and thus be able to predict the point of 
attack in the ring. 

5. Ease of Ring Substitutioii* 

Holleman has made a careful study of the role played by a 
laige number of acidic and basic radicals in the nitration of benze- 
noid compounds. 

The presence of an acidic radical, on a benzenoid ring, causes 
an overall decrease in electron density. The result is a decrease 
in activity in substitution reactions (since the entering group is 
dectrophihc). Organic chemists have long been familiar with the 
difficulty of nitrating a compound such as nitrobenzene or benzene- 
sulfonic acid. Concentrated nitric acid is required for the nitra- 
tions. 

Basic radicals, on the other hand, cause an overall increase in 
electron density on the benzenoid ring. The increase in the num- 
ber of electrons in the ring would tend to produce increased activ- 
ity. Thus a substance such as phenol can be nitrated very easily; 
dilute nitric acid will produce a mixture of ortho and para nitro- 
phenols. Also toluene can be nitrated fourteen times as fast as 
benzene.” 

^ Holleman, Chem. Revs,, 1, 187 (1925). 

^ Wibaut, Rec, trav. ddm,, 34, 241 (1915). 
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NEUTRALIZATION 


This chapter and those following it are concerned with the four 
experimental criteria of acids and bases adopted by Lewis r neutral- 
ization, titration with indicators, displacement, and catalysis. 
Neutralization is the formation of a coordinate covalent bond 


between a primary acid (see Chapter 3) and a primary base 


H+i + ^ H:0:H 

# # mm 



Ag+i + 2:NH3 ^ Ag(:NH3)2+i (2) 

add base 


It is customary to consider that the “hydrogen ion’* occurs as a 
solvated proton, for example, the hydronium ion in water or the 
ammonium ion in liquid ammonia: 

H 



These cations are both secondary acids, and their reactions would 
involve displacement, not neutralization (Chapter 8). It is cus- 
tomary to disregard solvation of metallic ions such as the acidic 
silver ion in equation 2. Yet there is no doubt that the silver ion 
and other acidic ions in water solution are solvated as is the proton 
Apparently we may speak either of neutralization or of displace^ 

ment, depending upon our p6int of view. This question will be 
discussed further in Chapter 8. 

However, when there seems to be no doubt that a primary add 
(e.g., boron trichloride in the absence of a solvent) is involved, 
there is no difficulty in using the term neutralization. At any rate 
toe elec^nic theory of acids and bases gives definite meaning to 
toe word. The type equation of toe Br0n8ted theory 

acidi -f basea —* acid 2 basei (3) 

IS often ass^ed to dispose of the concept of neutralization. We 
shall see m Chapter 8 that this is not the case. The equation may 
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represent the fact that acids or bases will replace weaker adds or 
bases from their compounds. It does not abolish neutralization. 

The acid boron trichloride is neutralized by the base triethyl- 
amine when both substances are in the pure liquid or ^iseous state: 


:C1: Et 

C1:B + :N:Et 

• • • • • • 

:C1: Et 


:C1: Et 
ci:B : N:Et 
’*:C1: Et 



The product is usually called a molecular or addition compound. 
In some cases it may be a salt. In this particular example the 
possibility of ionization of one of the chlorine atoms ought to be 
considered. When the boron chloride gains a share in the lone 
pair of electrons on the nitrogen atom, the boron atom is made 
more negative, thus rex)elling the chlorine electrons. It may not 
occur to a great extent in this particular compound, but where 
sufficient electrical “strain’’ is set up, upon the acceptance of a 
share in another electron pair by the acid, one would expect ion- 
ization to be favored. Such ionization in solution would, of course, 
be greatly affected by the dielectric constant of the solvent. Three 
examples of ionization, of the many that could be given, are the 
following: 

C5H5N + HCl C5H5NH+1 + Cl-i ( 5 ) 

( 6 ) 
(D 


AICI3 + COCI2 coa+‘ + MCLr^ 

SnCl 4 + 2SeOCl2 2SeOa+' + SnCle"* 


In these and similar examples the product is usually considered a 
salt. There seems to be no need for the name “pseudo salt.” It 
would appear that when such compounds are crystallized from 
the solvent the ions may perast in the solid state. (We use the 
word sail to mean an ionic compound.) Hence, we would call the 

compounds salts. 

However, the formation of a salt is not always the result. 
According to the water theory of acids and bases, a salt invariably 
resulted from neutralization; but salt formation is obviously un- 
necessary, as the following example show: 


H2^04 


BCSa + (CE[8)20 [(CH3)20-^BCl3l 


SO 3 4- HOH 

acid 


( 8 ) 

(9) 
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The essential thing in neutralization is the formation of the coordi- 
nate covalent bond. 

The neutralization product is not necessarily neutral in the 
^nse that it is no longer either acidic or basic. Unfortunate as 
this may seem, it is a familiar fact. For example, in equation 8 
the neutralization product, sulfuric acid, is still strongly acidic. 
In equation 9 the product is definitely amphoteric in subsequent 
displacement reactions with either acids or bases. 

Neutralization does not necessarily involve the solvent. Some 
discussion of the role of the solvent will be given in Chapter 8. 
Here we shall consider a few reactions which do not involve the 
solvent. Some have already been mentioned, e.g., the gaseous 
phase reaction between boron fluoride and amines or ammonia. 
Others occurring at high temperatures have been listed by 
Audrieth and Moeller.^ The formation of certain electrolytic 
melts, borax and metaphosphate bead tests, the manufacture of 
glass and cement, and the formation of slag in the bla^t furnace 
may all be classified as neutralization reactions.^ 

Some of them migh t also be classified as acid-base displacement, 
depending upon how the choice of base is made, as the following 
examples indicate: 

FeS + FeSs”^ ( 10 ) 

AIF3 + 3 F"^ AlFe -3 (11) 

Si02 + 0-2 -> Si 03-2 (12) 

acid base 


Equation 12 might represent displacement rather than neutraliza- 
tion if the oxide ion comes from an oxide which is not ionic. (Note 
that in equations 11 and 12 the central acidic atom of the product 
in each reaction has twelve valence electrons — ^two more violations 


of the old “rule of eight” discussed in Chapter 2 .) 

The effect of the solvent upon neutralization will lie treated in 
Chapter 8 since a previous discussion of displacement is necessary. 
T^e type equation of the Br0nsted theory eliminates neutraliza- 
tion from all acid-base reactions covered by the theory. This is 
becau^ the equation represents displacement reactions of second- 
ary adds and bases. Since the Lewis theory includes the Br0nsted 


^ Audrieth and Moeller, /. Chem. EducaLum^ 20, 219 (1943). 

»Aii interesting application to glass manufacture is pven in a paper by 
Sun and Silverman, J, Am, Cerandc Soc,, 28, 8 (1945). 
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1. Introduction. 

The second of the experimental criteria of acids and bases is 
their behavior in titrations against each other with the aid of indi- 
cators. Sudi titrations may be performed in a great variety of 
solvents. 

Lewis ^ titrated bases like pyridine and triethylamine with 
acids such as solutions of BCI 3 and SnCU in carbon tetrachloride, 
and AgC 104 dissolved in benzene. These solutions were titrated 
back and forth with the use of indicators such as thymol blue, 
butter yellow, and crystal violet. Crystal violet is an especially 
convenient iadicator because of its solubility in a variely of sol- 
vents and because it usually g^ves the same color change in differ- 
^t solvents. 

Comparison by means of a series of titrations is one method of 

establishing whether certain substances are acids or bases. One 

example of the titration procedures is given in the next section. 

Titrations of the above solutions make it obvious that there are 

many acids other than H-acids and many bases other th«.n HO- 

bases. This fact is not surprising when the fundamental electro- 

phihc and electrodotic characteristics of such substances are con- 
sidered. 

» l£wi^ J. FrankKn /twt, 226, 293 (1938). 





92 


TITRATIONS WITH INDICATORS 

2. Experimental Titrations. 

The following experiments * demcmstaate only a. few of the many 
titrations that can be carried out to show the acidic and 
characteristics of compoimds. 

Watek Uskd as Solvent. The indicator used in this series 
of experiments is aystal violet dissolved in water. 

^ctds (HCl, H2SO4, HC2H3O2, HNO3). Ten milliliters of water 
is poured into each of four &jn(di test tubes, and 3 or 4 drops of 
the indicator is added. The violet color that results can be 
changed to yellow by the addition of add. When dilute add is 
added slowly, the intermediate green color may eadly be observed. 
The HCl, H2SO4, HC2H3O2, and HNO3 are used, one in each tube, 
to show this color change. 

The reaction is explained by the fact that these add solutions 
contain the hydronium ion, H30'^^, which is electrophilic. 

Bases (NH3, C5H5N, C2H5OH, l,4r-dioxane). The bade drarao* 
teristics of these compounds can be demonstrated by tiie additimi 
of a few drops of each to the four yellow solutions obtained in the 
above experiment. In each solution the color is changed back 
fnnn yellow to violet on the addition of the base. These comr 
pounds are bases because they are electron-pair donors and can 
form coordinate covalent bonds with the protons of the above- 
mentioned adds. 

Example: 



Chlobobenzene Used as Solvent. The mdicator used in 
these experiments is crystal violet dissolved in chlorobenzene. 

Acids (HCl (gas) dissolved in CeHsCl, BCI3 dissolved in C^HsO, 
mid fuming SnCU). Ten milliliters of chlorobenzene is poured 
into each of three 6-inch test tubes, and 3 or 4 drops of the indica- 
tor is added to each tube. The violet color that results can be 
rih^ngwH to yellow by the addition of a few drops of an add. The 
above are used to show this color change, one in each test 

* Iioder, McGuire, Zuffanti, J. (Them. Edueatian, 344 (1943). 
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tube. Hete again we have substances that are acidic because they 
are electron-pair acceptors. 

B<tses (ethers, carboxylic acid anhydrides, alcohols). 

O 


R — CH2 

R— CHz— C 

R — CB .2 

\ 

\ 

\ 

:0: 

:0: 

:C 

/ 

/ 

/ 

R — CH2 

R— CH2— C 

H 

ethers 

% 

0 

anhydrides 

aloohcds 


An these substances can be demonstrated to be bases by allowing 
them to react with the acids mentioned above. If these bases are 
added to the yellow solutions formed in the first part of this experi- 
ment, the violet color of the indicator quickly reappears. 

Example: 

phthalic add anhydride 



base add 


Carbon Tetrachloride Used as Solvent. The indicator 
used is crystal violet dissolved in chlorobenzene rather than in 
carbon tetrachloride. (The indicator is quite insoluble in carbon 
tetrachloride, but when it is added in chlorobenzene solution no 
precipitation takes place; a clear solution results.) 

Adds ^Cls, HCl (gas) dissolved in CCU, and AICI3 in CCI4). 
Ten millilit ers of anhydrous carbon tetrachloride is poured into 
each of three 6-inch test tubes and 3 or 4 drops of the indicator is 
added to each tube. The violet color that results can be 
to yellow by the addition of some of these acids. 

The Aids is not very soluble in CCI4. Shaking the mixture for 

a considerable length of time and then filtering gives a clear filtrate 

which does not behave as an acid. Ti any hydrolysis should take 

place, due to the presence of traces of moisture, the resulting Hd 

^ would dissolve in the solvent and an acid reaction would be 
observed 
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If some of the ori^nal mixture of AICI3 suspended in CXI34 is 
\ised, however, the violet color of the indicator disappears and the 
resulting yellow color shows that the solid AICI3 is behaving as an 
acid. This experiment helps to prove that the AICI3 itself is acting 
as an acid, not any HCl resulting from hydrolysis. 

Enough AICI3 can be dissolved in the CCI4 by wanning so that 
a clear solution of it may be used as an acid solution. 

As the BCI3 and the HCl gas are readily soluble in the solvent, 
no trouble is encountered in the preparation and use of these acidic 
solutions. 

Bases (pyridine, amines, esters). 

O 



CH3CH2 

\ 

CH3CH21 — I 

CH3CH2 



\ 

: 0 : 

/ 

CH3CH2 


ethad pmpionate 


Hiese substances can be demonstrated to be bases by the fact 
that when they are added to the yellow solutions resulting in the 
first part, the violet color of the indicator reappears. 

Example: 



Dtacusst^. In all these experiments the acidic substances are 
tiioee that contain atoms capable of accepting a share in an eleo- 
tr<Mi pair and the bases are those substances containing atoms 

capable of donating a share in an electron pair. 

It is obvious that hydrt^en chloride behaves as an acid r^rd- 
less of whether it is dissolved in water, chlorobensene, carbon 
tetrachloride, or any other solventu (In water solutions of the 
common acids it is the or H30+‘ that behaves as an aad, 
whereas in the organic solvents it is the molecules of the conor 
pounds that bdrave as acids.) The same may be said for all other 
compounds that are capable of accepting electron pairs. 
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It is apparent that compounds like pyridine, alcohols, ethers, 
and many other substances act as bases whether dissolved in water, 
chloroform, carbon tetrachloride, chlorobenzene, or any other 
solvent that will dissolve them, because fundamentally these 
bases are compoimds that are capable of donating an electron 
pair. 

3 . bdicator Color Changes. 

The observation that different acids cause the same color change 
is readily explained as follows. 

The addition of increasing amounts of an acid to a solution of 
crystal violet will cause the violet color to change to green and 
then to yellow. Rosenstein and Adams * explained these changes 
in water solution as due to the successive addition of to the 
dimethylamino groups of the indicator. 



Tioleft 


Hie above fonnulas represent two of the several possible reson- 
mce structures that can be written to show the violet form of the 
indicator. It is obvious that the unshared electron pair on the 
nitrogen atom of each N(CH3)2 group can form a quinoid struc- 
ture as shown in ring c of the left-hand formula. Other resonance 


structures would have ring a or & as the quinoid ring.^ If 


• Rosenstein and Adams, J. Am, Chem. Soe., 36, 1462 (1914). 

* Wheland, The Theory of Resonance, John Wiley A Sons, New York, 1944, 
E>p. 153 and 185. 
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BF3 or any other electrophilic substance is added to the indicator 
solution, coordination with one of the unshared pairs of electrons 
will result. 



Oils CHt 


This addition removes one of the N(CH3)2 groups (ring c) from 
the lesonatmg system and produces a green-colored substance 
Rimilar to malachite green. 



+1 


Further color change to yellow is produced by the addition of a 
second H'*'* to another N(CH3)2 group, leaving cmly one N(CB3)a 

group in the resonating ssrstem.® 

• Conant and Werner, J. Am. Chem. Sae., St, 4436 (1930). 



INDICATOR COLOR CHANGES 




It is obvious tiiat the presence of any strongly electrophihc 
substance such as BCI3, AICI3, AgCI04, SO3, and SnCU could 
result in a coordination in a similar manner to the behavior of the 
H-acids. The color changes are the same regardless of the acid or 
solvent used. Lewis and Bigeleisen ® give a quantitative demon- 
stration that or SnCU added to one — ^NR2 of methylene blue 
results in almost identical spectra. 

The addition of basic (electrodotic) substance would, of course, 
neutralize any of the above acids in the solution and also remove 
from the dye molecule the coordinated electrophiles. This reac- 
tion would again return the N(CH3)2 groups to the resonating 
system of the dye molecule, and the green and then the violet 
colors would again reappear. 

Thus the electronic theory provides a simple and consistent 
explanation of the experimental behavior of a great variety of 
acids and bases toward indicators. 

• Lewis and Bigeleisen, J. Am. Chem. Soc., 66, 1147 (1943). 
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1. Introduction. 

The third experimental criterion of acids and bases is displace- 
ment. There are two types of acidrbase displacement: (1) a 
strong acid in general will displace a weaker one from combination 
with a base; (2) a strong base will displace a weaker one from 
combination with an acidL A weaker coordinate bond is broken 
to form a stronger one. 

A familiar example of the first type of displacement (of a weaker 
acid by a stronger one) is the liberation of carbon dioxide from 
sodium carbonate solution upon the addition of hydrogen chloride: 

2 H+^ + COs"^ ^ H2O + CO2 ( 1 ) 

aad 


The hydrc^en ions displace the weak acid, carbon dioxide, from 
combination with the oxide ion. Another example described by 
G. N. Lewis ‘ is the displacement of carbon dioxide when finely 
divided sodium carbonate is wanned with boron trichloride or 
stannic chloride in a mixture of carbon tetrachloride and acetone. 
The other product was not analysed, but the reaction mi^t be 

vncitten tentatively as: 


BCI3 + NaaCOs 

•dd 


[NaaO-^BClal + CO2 

add 



Another example of the displacement of one acid by another is 
the high-temperature reaction (favored by the volatdlily of the 



SiOa + NaaCOa 

sfiid 


NasSOs + CX)2 

aoid 



* LewiSa y. PftttMifi 236, 304 (1938). 
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Examples of the second kind of displacement (of a weak base 
by a stronger one) are more familiar, since the type equation of 
the Br0nsted theory represents the displacement of one base by a 
stronger base in competition for the proton, for example: 

H 2 O + HCl H30+^ + Cl“' (4) 

base base 

Water acting as a base displaces the weaker base, chloride ion, 
from combination with the proton. Another example that does 
not involve the proton is the displacement of ammonia from com- 
bination with trimethylboron by trimethylamine: ® 


(CH3)3N: +H3N:B(CH3)3 

base 


(CH3)3N:B(CH3)3 + :NH3 

base 


2. Hydrogen Acids. 

Some writers have indicated that hydrogen acids require special 
consideration in the Lewis terminology. No doubt such a mis- 
understanding arises from the emphasis of the Brpnsted theory 
upon displacement of one base by another as the only criterion of 
acid-base phenomena. Actually displacement is only one of the 
fom* “phenomenological criteria” of acids and bases, and the 
Br0nsted type equation is only one of the two types of acid-base 
displacement. The Brpnsted theory is thus included in the Lewis 
theory and requires no special consideration. 

In order to show that special treatment is unnecessary for hydro- 
gen acids, we need only demonstrate that the displacement reaction 
represented by the typical Brpnsted equation is not unique. The 
same kind of reaction may take place between many other acids 
and bases. A detailed consideration of one example should be 
sufficient illustration. When the addition compound formed by 
the neutralization of boron trichloride by acetone is added to pyri- 
dine, displacement of the weaker base (acetone) by the stronger 
base (pyridine) takes place. ^ This reaction is exactly analogous 
to the displacement of the weakly basic chloride ion from com- 
bination with the proton when hydrogen chloride is added to 
water; 

* Brown, J. Am. Chem. Soc., 67, 378 (1945). 
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H;C1: + :6:H -» H:6:H+‘ + :a;“‘ (6) 

• • mm •• •• 

H H 

ftcidx bases acids basei 

Both boron trichloride and the proton are primary adds which, 
to form the acidi compounds shown above, have been neutralized 
by the weak bases acetone and chloride ion, respectively. How- 
ever, in both the resulting compounds, stronger bases are able to 
displace the weaker ones from combmation with tiie two adds. 

All four acids (in both equations) are secondary adds. 

Many more examples of displacement reactions of exactly the 
same type could be given. Some of them are respondble for 
catalyds and will be conddered in the foUowing chapters. One 
familiar example is interesting dnce it has been the subject of some 
misunderstanding: 

Ag(NH8)2+‘ + ^ AgOH + 2 NH 3 GO 

aodi base* acida baeoi 

The sUver ion is a fairly strong add which will combine many 
bases, including ammonia and hydroxyl »<>»• Th® reaction repre- 
sented by the above equation is analogous to any Bntosted type 

equation, for example: 

+ OH“‘ ^ HOH -f NHa (8) 

Mid, bases Midi 

A number of statements appear in the literature to the effert t^t, 
“in dilute aqueous solution, diver ions do not comlane y- 

droxyl ions . . . whereas they do comlrine with ammmua. Ihe 
solubiUty product for diver hydroxide and the instabihty wmiant 
for the ammonia complex, however, are respectively 2 X 10 and 

» J. Phifs. Chan., 48, 51 (1944). 
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6 X 10~®. Silver ions and ammonia molecules combine until 
equilibrium is reached when their concentrations are low. Silver 
ions and hydroxyl ions also combine until equilibrium is reached 
when the concentrations of both ions are low. If the two ions have 
been added in equal amounts, equilibrium is attained when each 
has a concentration equal to 1.4 X 10~^ M. Now if in the other 
solution the concentrations of ammonia and silver ion in equilib- 
rium with the complex ion are adjusted to have comparable molar- 
ities, that is, 1.4 X 10~* M, the concentration of the complex is 
0.47 X 10~^ M. In such a solution only about one-fourth of the 
silver ions have combined to form the complex. Thus under 
comparable conditions a large proportion of the silver ions do not 
combine with ammonia molecules. 

Perhaps the cause of the misunderstanding lies in the method 
hy which we are accustomed to observe the preparation of the 
silver-ammonia complex. When we add excess ammonia solution 
to solver nitrate solution the initial precipitate dissolves, forming 
the complex ion. This apparently means that ammonia is a much 
stronger base toward silver ion than hydroxyl ion is. But we must 
remember that the silver hydroxide precipitate is formed first. 
When the first few drops of ammonia solution are added the am- 
monia is so dilute that it is largely ionized to form hydroxyl ions 
which coordinate * with the silver ions to form the hydroxide. 
But, by the time the precipitate is completely dissolved, the 
amount of ammonia added is enough so that if the silver ion were 
not present the concentration of NH3 would be roughly 100 times 
the concentration of OH~^ ion. Actually, if concentrated sodium 
hydroxide solution is now added to the solution, the ammonia is 
displaced and the precipitate returns. This is what one would 
exi)ect when mass-action effects are taken into account. The 
effects observed are similar whether the acid is the proton or the 
silver ion. The displacement of one base by another depends not 

only upon their relative strengths, but upon concentration factors 
also. 


* Sinoe silver hydroxide actually appeus as silver oxide when attempts are 
made to isolate it, we cmmot be positive that a coordinate bond is formed 
between silver and hydroxyl ions. However, there are two reasons for believ- 
ing that one is formed: (1) other hydroxides of similar nature (smaD positive 
ion) are often not ionic even in the solid state; (2) mlver iodide does not ciystal- 
Hae into an ionic lattic although the chloride and bromide do. 
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An idea of the relative basic strengths of ammonia and hydro^ 
ions toward silver ion can be obtained from equation 7. ISie 
equilibrium constant for equation 7 is 


K 


[Ag(NH3)2+M X lOH-»l 


(9) 


which may be evaluated by combining 


with 


[Ag+M X 

[Ag(NH3)2+M 


= 6 X 10 


( 10 ) 


[Ag+'l X [OH 


— 1 


2 X 10 


( 11 ) 


We see that the constant has a value of 3, indicating that ammonia 
is about as strong a base as hydroxyl ion toward alver ion. 

It is worth while noting at this point that in equations 5, 7, and 
8 the acidi and acid 2 compounds are amphoteric in exactly the 
same The addition compounds of boron trichloride with 

acetone »^nd with pyridine are amphoteric because they omtain 
both acidic and b^c constituents. They can react both ways 
because stronger bases will displace the weaker bases and stronger 
ftniHa wiU displace the boron trichloride. In the same way silv» 
hydioidde in equation 7 and water in equation 8 are also ampho- 
teric. They appear as acids in these equations, but both may act 
as bases because of the presence of the hydroxyl group. 


3. Nentralizatioii and tire SolvenL 

When the solvent takes part in add-base phenomena, the reac- 
tions are usually displacement reactions. Considerii^ only addr 
reactions, solvents may be divided into three classes: 
(1) those that are ordinarily inert toward acids and bases, e.g., 
bensene, carbon tetrachloride, and chlorobeaaene; (2) those that 
are ioniaable, e.g., water, ammonia, sulfur dioxide, phosgene, and 
selenium oxychloride; (3) those that do not ionise but do re^ 
with acids and bases, e.g., ether and pyridine. If we consider the 
neutralisatian of boron trichloride by triethylamine in the three 
types of solvents, we find that the net result may be the same as 
when the neutralisation occurs in the absence of a solvent: 

(CsH 6 ) 3 N: +8(33 (C3H6)3N:BCa3 (neutralisation) (12) 



4 
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intermediate displacement reactions with the solvent may be ob- 
served. If either the acid or the base, or both, are strong enough, 
they will at least partially displace cations or anions of the solvent; 
e.g., if selenium oxychloride is chosen as the solvent: 

BCI 3 -|- SeOCl 2 —* SeOCl'*'^ -|- (displacement) (13) 

(C 2 H 5 ) 3 N : -I- SeOClz ^ 

(C 2 H 6 ) 3 N:SeOCl'^' -f- Cl~^ (displacement) (14) 

When the two solutions are mixed, the following reaction takes 
place: 

SeOCl+‘, BCU-^ -i- (C 2 H 5 ) 3 N:SeOCl+*, Cl-‘ 

(C2H5)3N:BCl3 + 2SeOCl2 (15) 

The same neutralization product is obtained as when the reaction 
is carried out directly or in an inert solvent. 

WTien the solvent reacts without ionizing, it reacts with either 
the acid or the base, but not ordinarily with both. Such solvents 
are usually not amphoteric. For example, if boron trichloride 
reacts wth triethylamine in ether, the boron trichloride would 
react with the ether, but the triethylamine would not. The oxy- 
gen atom in the ether can donate an electron pair to form a coordi- 
nate bond, but the hydrogen atoms in ether have little tendency 
to form hydrogen bridges : 

(C2H5)20 + BCI3 [(C2H5)20-»BCl3] (16) 

When triethylamine is added, it merely displaces the weaker base 
and the resulting product is the same as before: 

l(CaH5)20-^BCl3] + (C2H5)3N ^ 

[(C2H5)3N^BCl3] + (C2H6)20 (17) 

In aU four cases the final neutralization product is the same. 

'aese examples help to clarify the relationship of neutralization 
to displacement mentioned at the beginning of Chapter 6 . Neu- 
fa^zation is the formation of the coordinate covalent bond be- 
twe^ a primaiy acid and a primary base. The reaction repre- 
sented by ^uation 12 is neutralization, but we note that when a 
solvent IS myolved the same result may be obtained through a 
sen^ of displacements. Equations 13 and 14 are both displace- 
men reactions. Equation 15 represents two simultaneous dis- 
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placements. At the same time equation 15 also represents neutral- 
ization as far as the original primary acid and primary base are 
concerned. Whether or not a solvent is used as a medium for this 
reaction, the final product is the result of neutralization — ^the 
formation of the coordinate covalent bond between the boron 
chloride and triethylamine. 


4. The Leveling Effect. 

In comparing the relative strengths of acids and bases in a par- 
ticular solvent such as water, liquid ammonia, or facial acetic 
acid, the range of comparison is himted by the strength of the 

solvent as an acid or base. 

For example, the difference between perchloric, hydrobromic, 
sulfuric, hydrochloric, surd nitric acids is obscured in water because 
they all react completely with the solvent in dilute solution. The 

reaction , , , 

HCl + H 2 O H 3 O+' + Cl"^ 

proceeds completely to the right because the water molecide is so 
much stronger as a base than chloride ion that it displaces it com- 
pletely from combination with the proton. The jierchlorate, 
bromide, bisulfate, and nitrate ions are all amilar to the chloride 

ion in acting as extremely weak bases. 

Since such acids react completely with water, only one acid, the 

hydronium ion, is left in solution. Consequently the acids all 
appear equally strong. This is known as the leveling effect 

A solvent which is more base than water, e.g., liquid ammonia, 
will level the strength of a larger group of acids. For example, 
in water, acetic acid is much less ionized than hydrochloric acid 

because the acetate ion formed by the reaction 


HC2H3O2 


H 30 +‘ + CaH302“^ 


is a much stronger base than the chloride ion. Water is not able 
to displace it to a very great extent from its combmation wite 
the proton. But when acetic acid is added to liquid ammonia 

as a solvent the reaction 




HCAO2 + NH3 


NH4 


— 1 


goes aU the way to completion.® Ammonia is a strongs ba^ ih^ 


♦Lftfi the acetate ion that 


(1930) 
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is able to displace it completely. Thus in liquid ammonia all acids 
stronger than acetic acid will appear to have the same strength, 
that of the ammonium ion. Since the a mm onium ion is weaker 
than the hydronium ion, we say that the strength of acids is leveled 
down farther in ammonia than in water. 

Obviously a solvent more acidic than water would have a similar 
leveling effect on bases such as ammonia and the amines. 

The leveling effect is one phenomenon that must be taken into 
account when comparing relative acid or base strengths. Since 
water levels downward the strengths of the strong acids like hydro- 
gen chloride, it is necessary to use a less basic solvent such as 
acetic acid or even an “inactive” one like benzene. In acetic acid 
the reaction 

HCl -f- HC 2 H 3 O 2 ;=± H2C2H302+^ + Cl-i 

has little tendency to proceed to the right because acetic acid is so 
weakly basic. Hence a comparison -with other acids is possible. 
It has been found that HCIO4 > HBr > H2SO4 > HCl > HNO3 
gives the relative strengths of these strong acids in acetic acid as a 
solvent.® 

5. The Strengths of Adds and Bases. 

In the preceding section we have tacitly assumed that the 
familiar method of comparing the strengths of acids and bases by 
displacement reactions yields values which are independent of the 
reference base or acid. This is not the case, as several investiga^ 
tors including Lewis have shown. However, the exceptions are 
usually obvious and as yet probably do not warrant discarding 
the idea of monotonic series for the confusion that would thereupon 
result. To quote Lewis: “The fact that we can thus get a satis- 
factory acidity function over the whole range from pure water 
to pure sulfur trioxide shows the desirability of attempting to 
construct a monotonic series of acids even though we have pointed 

out that it can never be exact and that there may be some very 
large specific variations.” ’ 

One of the exceptions referred to by Lewis occurs in the reversal 
of the relative strengths of triethylamine and ammonia. Ammonia 
is the weaker base toward the proton, but, when the reference acid 
is TO-dinitrobenzene, ammonia appears to be much stronger than 

*Conmt and Hall, J. Am. Chem. Soc., 49, 3062 (1927). 

' Lewis and Bigeleisen, J. Am. Chem. Soc., 65, 1144 (1943). 
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triethylamine. Double chelation is the explanation advanced by 
Lewis and Seaborg.® 





Formula I represents one of the resonating structures of wwiinitro- 
benzene. Formula II represents the compound formed upon the 
addition of ammonia. Obviously such double chelation is not to 

be expected from triethylamine. 

Another interesting example of reversal from the expected order 
of basic strength is given by H. C. Brown.® Using displacement 

reactions of the type 


(CH3)3N: +H3N:B(CH3)3 



(CH3)3N:B(CH3)3 + :NH3 


he found, for example, that, when trimethylboron is used as the 
reference add, trimethylamine is a stronger base than acmon^ 
as it is toward the proton. (Note that the above reaction is a di»- 
placement reaction entirely analogous to the type equation of the 
Br0nsted theory.) But when the reference acid is changed to tri- 
t-butylboron, the order is reversed. The explanation advanced 
is given in terms of “F-strain.” “F-strain is that str^ which 
is caused by steric interference of the atoms or grou^ which are 
attached to different atoms resulting in a force which tends to 

separate the two atoms.” * 

• Lewis and Seaborg, J- Am. Chem. 5<w., 62, 2122 (1940). 
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1. Nature of Catalysis. 

The fourth criterion of acid and base behavior suggested by 
G, N. Lewis is catalysis. The following chapters represent an 
attempt to discuss this criterion systematically. Familiar exam- 
ples of acid-base catalysis are considered from the Lewis viewpoint 
in order to show that there is no essential difference in catal3rtic 
behavior whether protons are involved or not. 

“Catalysis’^ as usually defined has implied that the catalyst is 
recovered imchanged. There seems to be a tendency to broaden 
the defimtion. For example, Hammett ^ points out that there is 
no important distinction between catalysis in the older sense and 
the kind of acceleration produced by a base which appears as its 
“conjugate acid'" at the end of the reaction. A few of the exam- 
ples presented here are of the conjugate type, but most of them 
conform to the older definition. 

Since it is already generaUy recognized that basic behavior is 
displayed by a very large number of substances,^'® only enough 
examples of base-catalyzed reactions are includ^ here to show 
that when a base acts as a catalyst the substance attacked by the 
base is behaving as an acid. 

^Hammett, Physical Organic Chemistry, McGraw-Hill Book Company, 
New York, 1940, p. 230. 

* Branch and Calvin, Theory of Organic Chemistry, Prentice-Hall New 
York, 1941, p. 414. 

*Br0nst^ Rec. irav, chim., 42, 718 (1923). 

* Lowry, Chemistry db Industry, 42, 43 (1923). 

sKalnin, HeZv. Chim, Ada, 11, 977 (1928). 

« Adams, Organic Readions, John Wiley A Sons, New York, Vol. I, pn. 267 
Eind 276. 

^Hauser and Renfrow, J. Am. Chem. Soc,, 69, 1823 (1937). 

« Hudson and Hauser, J. Am. Chem. Soc., 63, 3156 (1941). 
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However, in spite of the fact that numerous examples of typically 
acidic properties displayed by substances which do not contain 
protons have already been listed by many writers,®- the idea that 
acidic beha^dor does not depend upon protons and, in fact, is as 
widespread as basic beha%ior is not yet widely accepted. So in 
our discussion of catalysis, the principal emphasis is upon system- 
atic application of the new theorj^ to acidic catalysis rather than 
to basic catalysis. 


2. Acid Catalysis. 

Evidence has been cited pre^iously to show that the common 
Friedel-Crafts t^-pe catah'sts such as aluminum chloride, ferric 
chloride, stannic chloride, and zinc chloride are acids. Their 
catalytic activity is well knowm in connection with organic reac- 
tions, but it is not usually recognized that they also catalyze such 
common reactions as those of metals with water. The reaction of 
iron w ith pure w ater to give hydrogen is a very slow one because 
the concentration of hydrogen ions is so low. Any acid sufficiently 
strong to increase the hydrogen-ion concentration substantially 
will accelerate the reaction. It is immaterial whether the acid is 
molecular hydrogen chloride, acetic acid, sulfur trioxide, carbon 
dioxide, stannic chloride, or ionic zinc chloride or cupric sulfate. 
The rate of reaction depends upon increasing the hydrogen-ion 
concentration, which in turn depends upon the concentration and 
strength of the acid which is displacing protons from the water. 
We shall see that this increase in posiiive-ion concentration is typical 
of acid catalysis. Obidously these ideas may have a far-reaching 
effect on the study of corrosion. Corrosion of metals is a complex 
subject, but it would seem that application of the electronic theory 
of acids and bases might be helpful in its investigation. 

Since the Friedel-Crafts catalysts are usually thought of as 
halides of a few metals, a natural question to raise might be; If 
these halides are reallv acids differing in no fundamental manner 
from H-acids in their behavior, why do not H-acids catalyze ruc- 
tions of the Friedel-Crafts type also? The answer is that they do. 
Hydrogen fluoride,” phosphoric acid, and sulfunc acid » have 

’ Lewis, J. Franklin Inst., 226, 293 (1938). jj-*; i 

Luder, Chem. Rets. 27, &47 (1940). See Chapter 10 for additional ref- 
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been established as catalysts for Friedel-Crafts and similar reac- 
tions. 

The catalytic activity of sulfuric acid seems especially inter- 
esting. Depending on the concentration of water or of sulfur 
trioxide, either sulfur trioxide or the H-acid or both may be respon- 
sible for the catalysis. Lewis and Bigeleisen have shown that 
the veiy rapid increase in the acidity fimction of Hammett and 
Deyrup as 100 per cent sulfuric acid is approached is probably due 
to sulfur trioxide. This might indicate that in the sulfonation of 
benzene the sulfur trioxide is the principal agent in a direct elec- 
trophilic attack. 



base acid 


Bordwell, Suter, and Webber “ have found this concept 
useful in explaining the mechanism for the reaction of dioxane 
sulfotrioxide with olefins. 

The Friedel-Crafts reactions are acid-catalyzed and can be taken 
as typical examples of this type of catalysis. For example, the 
alkylation of benzene by an alcohol may be represented as follows: 


H H P 

R— C : O : -f- B : F 

I •• •• 

H F 

Inse acid 

^ H F 
R— C:0!B:F 

I •• •• 

H F 


The similarity of the absorption curves for methylene blue in stannic 
cWonde and m sulfuric acid, given by the same authors, is a striking demon- 
stration of the essential likeness in the behavior of these two acids toward 
indicators. 

Lewis and Bigeleisen, J. Am. Chem, Soc., 66, 1144 (1943). 

“Bordwell, Suter, and Webber, J. Am. Chem. Sac., 67, 829 (1945). 

Luder and Zuffanti, Chem. Revs., 34, 345 (1944). 
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The first step involves the t 3 T)ically acidic behavior of boron tri- 
fluoride in accepting a share in a pair of electrons from the alcohol- 
oxygen ^ to form a coordinate bond* The alcohol is then 
behaving as a base just as it does according to the Br0nsted theory 
when hydrogen chloride is added to it. The ionization that occurs 
produces a “positive fragment” “ which is itself acidic, since it 
has a great tendency to accept a share in an electron pair. The 
formation of this acid is exactly analogous to any acid-base dis- 
placement in which one acid displaces another from combination 
with a base. The catalytic effect of boron trifluoride in producing 
this positive fragment is also analogous to the catalytic effect of 
similar acids in increasing the “positive fragment” concentiation 
in water, i.e., the hydrogen-ion conc^tration. As pointed out 
above, the acceleration of the reaction between iron and water 
by hydrogen chloride, sulfur trioxide, ahiminum chloride, tine 
chloride, etc., depends upon the increase in the concentration of 
hydrogen ions or “poative fragments” in the water. This formar 
tion of “positive fragments” seems to be typical of acid catalysis. 
The acid catalyst increases the speed of the reaction by increasing 
by displacement^ the concentration of the acid group involved in 

the reaction. 

The use of hydrogen fluoride as an add catalyst in the alkylation 

“ Meerwein and Pannwita, prakt. Chem.j 141, 123 (1934). 

O’Leary and Wenzke, J~ Am, Chem, Soc,j 66, 2117 (1933). 

* Price, Chem, JZews., 29, 37 (1941). 
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of benzole and phenol with alcohols has also been reported.*^* ** 
This reaction again demonstrates the similarity between boron 
trifluoride and H-acids. It is interesting to note that hydrogen 
fluoride does not effect methylations, although aluminum chloride 
does.=** This reaction seems to indicate that al uminum chloride 


is a stronger acid than hydrogen fluoride. 

The use of an acid catalyst does not always result in a displace- 
ment reaction and the formation of a positive fragment. For 
example, olefins will react with an acid catalyst in such a 

manner that a “positive center” is created as shown in the foUow- 

ing equation : ^ 

H H 

I ^ I 

R— C : : CH2 + BFg 

base acid C+) 



CH 


(7) 


lormea can thus behave in a manner 
similar to that of the “positive fragments. ” Obviously, both the 

carbonium ion (equation 3) and the molecule of the addition com- 

poimd (equation 7) are electrophilic (acidic) and can force benzene 
to behave as an electrodote (base). 


3* Base Catalysis. 

In all the examples of basic catalysis considered in these chap- 
ters, the characteristic effect of the basic catalyst is the increase in 
concentration of the basic group involved in the reaction. In 
most ructions this is accomplished by the familiar displacement 

of one b^e by another, for example, the displacement of the ester 
amon ^ from an ester: 



H O 

I II 

-a 


O— R + I:0:R']-* 


H 


base 


H O 

II 




H 

4- :0:R' (8) 


^ons and Archer, J. Am. Chem. Soc., 62, 1623 (1940). 
^ons, Arc^r, and Pasamo, J. Am. Chem. Soc., 60, 2956 
&mons and Passino, J . Am. Chem. Soc., 62, 1624 (1940) 
^ter md Yohe, J. Am. Chem. Soc., 66, 1248 (1933). 
^ce and C^owaki, J. Am. Chem. Soc., 60, 2499 (1938) 
^nser, J. Am. Chem. Soc., 60, 1957 (1938). 

Arndt and Eistert, Ber., 69, 2384 (1936) 


acid 
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The increase in the concentraticHi of the ester anion ^ accounts 
for the increase in reaction rate of the base-catalysed condensation 
of the ester. 








H O 

O-C-0— R + [-OrR]'" (10) 
CH 3 


to form the /5-keto ester. 

In some reactions (equation 11) displacement of a ap^ 
entiy does not result, but the combination of the basic catalyst 
with the reacting substance merdy localises the dectrcm excess 
on one atom, which can then act as a base. For example: 



„ .bove the b»ic oal^ 

h the carbonyl carbon and causes a shift of the C— H electron 

Schlenk, ffineniMin, and IUKn0ff. An^, “J* 

Mulltf Gawlick, and Kreut am a im , Amt., oms w iiww/- 
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(+) (-) 

pair,” producing C — H. The product of this reaction can be- 
have as a base because it can furnish a hydride ion to an acid: 



base acid 

( 12 ) 


The examples of basic substances used as catalysts in these and 
the following illustrations do not differ fimdamentally from those 
considered in illustrations of the Br0nsted concept of a base. Ad- 
mittedly, these substances are proton acceptors, but they can and 
do react with acid substances other than protons. The proton is 
only one of many acid groups or compounds having sinular electro- 
philic characteristics. Br0nsted’s bases are proton acceptors be- 
cause they can furnish lone pairs of electrons to form a coordinate 
bond with an acid whether the acid is a proton, a hydronium ion, 
a neutral H-acid, or any other electron-pair acceptor. 


Branch and Calvin, Theory of Organic Chemistryj Prentice-Hall, 1941, 

p. 466. 

® Hammett, Physical Organic Chemistry, McGraw-Hill Book Company, 
New York, 1940, p. 351. 
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la Summary 

L LatrodoctiaxL 

In thia chapter it will be demonstrated that acid catalyst is 
due to the increased canceautration of the acidic group involved in 
the leaction, ca u sed by Gie addition of the acid catalyst. 

In the preceding chapters it has been shown that the behavior 
of substances like sulfur trioxide, boron trifluoride, atamimim 
chloride, stannic chloride, and silver perchlorate is analogous to 
the behavior of H-a«ads in neutiaUaation, in displacement, and m 

titrationB with indicators. Many add-catalysed reactians will te 

here ia order to emphadse the fact that addity depends 
cm the electn^haic nature of the reagent and not on the presence 

of any particular element. 
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The mechanisms of Friedel-Crafts reactions have been studied 
extensively. The alkylations involve the use of olefins, alkyl 
halides, alcohols, ethers, and esters. ‘ The acylations make use of 
acids, esters, acid halides, and acid anhydrides. This type of 
reaction is add-catalyzed, using such compounds as boron, alumi- 
num, iron, tin, and other metallic halides, as well as sulfuric acid, 
phosphorus pentoxide, orthophosphoric acid, and hydrogen fluor- 
ide. These act as acids in the catalytic activity described because 
they all have a strong tendency to accept a share in an electron 
pair as the first step in the reaction. 


2. Alkylations. 

Alktl HaulDes. Conductance ® and dielectric-constant 
measurements * indicate the formation of ionic complexes between 
the catalyst and the alkyl halide : 




According to the Lewis concept of acids and bases the catalyst in 
this reaction behaves as an acid and the halide reacts as a base. 
Many other metallic halides catalyze this reaction in a similar 
manner. All of them can be shown to be acids by titrating with 
indicators in the proper solvent. 

Simons and Archer ® report the use of hydrogen fluoride as the 
catalyzing agent. They® found that the tertiary halides react 
readily at 0° C., the secondary halides require a temperature of 
25® C., but the primary halides react only at higher temperatures 
(80® C.), thereby affording an approximation of the relative acid 
characteristics of the alkyl groups. The reactivity of the above 
halides is in agreement with other data on the electrophilic prop- 
erties of these alkyl groups.'^’ * 


> Price, Chem. Revs., 29, 37 (1941). 

* Bodendorf and Bohme, Ann., 616, 1 (1935). 

» Wertyporoch and Pirl^ Ann., 600, 287 (1933). 

« Fairbrother, J. Chem. Soc., 1946, 503. 

® Simons and Archer, J. Am. Chem. Soc., 60, 986 (1938). 

* Simons and Archer, J. Am. Chem. Soc., 60, 2953 (1938). 

» Fittig, Ann., 283, 85 (1894). 

® Euler and Loi^ren, Z. anorg. aOgem. Chem., 147, 123 (1925). 
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The “positive fragments” formed as a result of these acid-base 
reactions alkylate aromatic compounds through an electrophilio 
mechanism ® involving the electron-deficient carbonium ion (R*^). 



Wohl and Wertyporoch “ have reported that boron tiifluoride 
will not catalyze the alkylation of benzene by alkyl chlorides. 
Hennion and Kurtz “ have found that the presence of water or 
alcohol helps the reaction as follows: 

( 3 ) 


( 4 ) 

Burwell and Archer report that, although the alkyl chlorides 
and bromides are not catalyzed by boron trifluoride, the alkyl 
fiuorides will react vigorously. They attribute this reactivity to 
the greater stability of the BF 4 "^ ion as contrasted with the 

BFgBr"^ ion or the BFgCr^ ion. 

Olefins. Olefins can be employed for the alkylation of aro- 
matic compounds by using acid catalysts such as hydrogen fluo- 
ride, “ sulfuric acid,»* phosphoric acid,“ phosphorus pentoxide,“ 
boron trifluoride,*'' “• ** and alu minum chloride.*'’ ** 


F 

H:0: -i- B:F 

• # 

F 

acid 




H 


F 

H:0:B:F 
H F 


F 1 
H:0:B:F 


• • # 


F J 


— 1 




acdd 


+ R:C1: 


R:C1:H 


[R]+» -f H:C1 


acid 


Price, Chem, Rero., 29, 40 (1941). 

Wohl and Wertyporoch, Ber., 64, 1360 (1931). 

H^uiion and Kurts, /. Am, Chem, Soc,^ 66, 1001 (1943). 
Burwell and Archer, J . Am, Chem, jSoc., 64, 1032 (1942). 
Simons and Archer, /. Am, Chenu Soe,, 60, 2952 (1938). 
Ipatieff, Coreon, and Pines, J, Am. Chem. Soc., 68, 919 (1936) 
Ipatieff, Pines, and Komarewsky, Ind. Eng. Chem., 28, 222 (19 
Tniffault, CampL rend., 202, 1286 (1936). 

Ipatieff and Grosse, /. Am. Chem. Soc., 68, 2339 (1936). 
ffl***™* and Sowa, J* Am. Chem. Soe., 67, 1547 (1935). 
‘^^onderly, Sowa, and Nieuwland, J. Am. Chem. Soc., 68, 1007 
fianternd Yohe, /. Am. Chem. See., 66, 1248 (1933). 

' Price and CSskowsId, J. Am. Chem. Soe., 60, 2499 (1938). 



ALKYLATIONS 


117 


The condensation of olefins with aromatic compounds can be 
explained through an electrophilic mechanism involving the acid- 
base concept. The electrophilic (acidic) catalyst reacts with the 
electrodotic (basic) olefin to form an acidic intermediate 
which can react with the aromatic compound which is electrodotic. 
The reactions seem to be: 


H 


H 

I 


ca 

C— R 

• • 


Al:ca 

1 

Cl 

H 


base 

add 



H 

<+>C-R 
H— C : Aica* 

I 

H 


add 




+ 


H 

<+>C-R 

I 

CHi-AlCli 


add 




CH,-A 1 C 3 , 




AiiCOHOLs. Toussaint and Hennion alkylated benzene with 
alcohols, using boron trifluoride as the acid catalyst and phos- 
phorus pentoxide, sulfuric acid, and benzenesulfonic acid as assist- 
ants. They explained the mechanism on the basis of a dehydra^ 
tion of the alcohol to an olefin: 



** Toussaint and Hennion, J. Am. Chem. Soe., 62, 1145 (1940). 
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electrophilic catalyst (BF3) coordinates with title 
olefin: 



CH3 

F 

CH3 

± (+)<Lh 

C— H + B:F ^ 

H— c) 

1 

H 

F 

H— C:BF 
1 


1 

H 

base 

add 



(9) 


The addition compound that results is an acid because of the 
low electron density on the center carbon of the olefin. This 
stroi^ly acidic coordination compound can make a substance like 
benzene behave as a base. The alkylation would next involve a 
mechanism such as that shown in equations 6 and 7. The fiict 
that benzyl alcohol can be used to give diphenylmethane,*^ how- 
ever, seems to indicate that the mechanism involving olefin forma- 
tion as a preliminary step is not likely. 

A preferable mechanism *• ” would seem to be as follows: 


CH3 

I 

CHa 

I .. 

CJd.2-0:S 


F 

-|-B:F 

• m 

F 


CH3 

I 

CHa 

1 .. 

CHa^O 


H 


F:B:F 


F 


CH3 

I 

CHa 
.CHa<+>J 


+1 


+ 



n— 1 


( 10 ) 


rcHs 1 

add 

+1 

rcHs 1 

I 

CH 2 

isomerues 

CH(+> 

> 

< 

i 


1 

Lch2<+>J 


.CH3 _ 


+1 


CII) 


add 

Pfioffer and WIsingeTa Ann., 461, 132 (1928). 

SimftTiR and Archer, J. Am. Chem, jSoc., 62, 1623 (1940) 
MfilCftiina. and Sowa, Am. Chem, Soe^, 69, 470 (1937) 

and Sennion, J* Am. (Them, Soc,f 63, 1722 (1 
WaIaH And Hennion. JL Am. Chenu iSbc.. 63. 2063 (1941 
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The electrodotie (basic) alcohol reacts with the electrophilic 
(acidic) catalyst to form an addition compound that is capable of 
ionizing.* The n-propyl carbonium ion (positive fragment) 
isomeiizes to form the isopropyl ion.* The function of the catalyst 
is to produce a relatively high concentration of these positive frag- 
ments which can react with a benzenoid compound to produce an 
albylated product as follows : 




The catalyst is regenerated by the following reaction: 

r .. 7 . F 

H:0:B:F + 5=1 H:0:B:F (14) 

L F J H F 

Ethebs. The catalytic effect of boron trifluoride on aliylations 
wth ethers *»■*.*. » involves an acid-base reaction between 
boron tiifluoride and ether.* That this is a true acid-base reaction 
CM be readily d^onstrated by titrations in different solvents and 
with vano^ indicators.*^ The positive fragment that results from 
the ionization then reacts with the benzene as previously described. 




“ Whitmore, J . Am. Chem. Soe., Bi, 3274 (1932). 

*Ramser and THberg, Ber., 63^ 1136 (1930). 

*^^imor and Sowa, J. Am. Chem. Soe., 60, 125 (1938). 

u , McGuire, and Zuffanti, J . Chem. Editcalion, 20, 344 (1943). 
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Hydrog^ fluoride ^ has also been used to catalyze these teao- 
tions. Whether or not the acid contains hydrogen, the behavior 
is essentially the same. The acid accepts a share in a pair of elec- 
trons from the base to form a coordinate bond. Ionization into 
single ions may then occur if the dielectric constant is hi^ enou^ 
and the ions can be solvated. In media of very low didectric 
constant considerable association into h^ier ionic multiples is to 
be expected,**"** but this usually does not have to be indicated in 
the equations. 

Esters. The behavior of esters toward acids may result in an 
alkylation or an acylation, depending on the relative tendencies of 
acyl, alkyl, and aryl groups to become acidic ions in the presence 
of aluminum chloride, boron trifluoride, metallic hahdes, or 
H-adds.*®"*® The alkylation mechanism can be represented as: 




o 

I! 


F 


R— C:0: +B:F ^ R— C 


O -pi 

11 .. 

C:0:B:F 





The acyl group, beii^ more electrophilic than the alkyl (RO gro«P» 
will not be released,**-* and, therefore, in the presence of an aro- 
matic compound an alkylation will result. 

However, if R' is an aryl group which is more stron^y electro- 
philic, the acyl group will be released as a carbonhjm ion *^ • and 

acylation win result. This reaction is discussed further under the 

section on acylation. 


Fuoes and Kraus, J. Am. Chem. Soe., B6, 3614 (1933). 

Fuoes and Kraus, J. Am. Chem. Soe., 66, ^7 (1^)- 

Luder, Kraus, Kraus, and Fuoss, J. Am. Chem. Soe., 68, 255 (1936) 

Vonon, Luder, and Giella, J. Am. Chem. Soe., 63, 862 (1941). 

Bowden, J. Am. Chem. Soe., 60, 645 (1938). 

TWfWgnna and Sowa, J. Am. Chem. Soe., 69, 1204 (1^7). 

Norris and Arthur, J. Am. Chem. Soe., 68, 874 (1940). 

Brown, J. Am. Chem. Soe., 61, 1483 (1939). 

Whitmore and Bernstein, J. Am. Chem. Soe., 60, 2626 (1938). 
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The following mechanism has been suggested for the hydro- 
fluoric acid-catalyzed alkylation : 


O 

II .. 

R— C:0: +H:F: 
R' 

base 



o 

^ II •• 

R— C:0:H 
R' 


+1 


+ 





[R']+^ + R— C:0:H 


acdd 




Again the action of the catalyst is essentially the same whether 

hydrogen is present or not. The same positive fragments are 
produced by the catalyst. 

AiiLTLic Geottps. Simons and Archer investigated the alky- 
lations of benzene using benzyl chloride, cinnamic acid, and allyl 
alcohol as the alkylating agents and hydrogen fluoride as the acid 
catalyst. The products they obtained are in agreement with those 
t^t might be predicted on the basis of the polarization or polariz- 
abihty of the alkylating agents. Boron trifluoride, stannic chlo- 
nde, and other acid catalysts also will catalyze these alkylations. 

PossidIb ni6cl i 8> ni.sm s might b© as follows i 

1. Benzyl chloride. 
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2. Cinnamic acid. 



With allyl alcdiol the first point of dectrophilic attack is at ^ 
carbon-oxygen bond, thus producing an aUyl carbonium ion vftacb 
wifi attack a bensene molecule to produce the »-phaiyH-prop^e. 
This product is very susceptible to dectrophihc ^ 

catalyst because of the polarisation of the molecule, Thusacar^ 
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bonium ion. is produced which can react with benzene to form 

1,2-diphenylpropane. The polarization indicated is supported by 

the fact that practically no 1,3-diphenylpropane is formed in the 
reaction. 

The use of sulfuric acid as an electrophihc catalyst produces 
much larger amounts of the 1 , 2 -diphenylpropane and less of the 
3-phenyl-l-propene, probably because H 2 SO 4 is a stronger acid. 

3. Acylations. 

Esters. Acylation by aromatic esters, « mentioned 

in a premling section, can be catalyzed by aluminum chloride, 
boron trifluoride, metallic halides, and H-acids as catalysts. The 
possible mechanism is represented by the following equations : 



fragment released from the ester, by reaction 

( -T 

IS the \R — C / erouD.*®' " fnnn 


toe acid catalyst, is the \R-C / group.*®. « The formation 
toe fragment repre^ts a di^lacement of one acid by anotoer. 

than 1 because it is a stronger acid 

^ toe ajl ^bomum ion. Equatio:i 29 shows the usual elec- 

^^c attack that results in substitution in the benzenoid com- 

^ undergo a rearrangement (Pries reaction) 
to produce ortho- and paro^hydroxyketones « when treated with 

® Co^ y. Am. (Them. Soc., 62, 352 (1930). 

« 2605 (1936). 

xslatt, Chem. Reos,, 27, 429 (1940). 



ACID CATALYSIS 


124 


acidic catpalysts such as AICI3 or ZnClz. In view of our preceding 
discusdon, this reaction is not surprising and can be esiphdned 
readily as an acid-base reaction: 





In i-hia special example of an acylation there is an intramolecular 
reaction between the acidic acyl group and the electrodolic aro- 
matic nucleus. The fact that ortho and para derivatives are 
obtiuned can readily be explained on the basis of increased electron 
density at these portions, an increase that facilitates the electro- 
philic attack of the carbonium ion. 

Carboxt CkncpouNDS. Carboxy compounds * have been em- 
ployed for acylations using hydrogen fluoride as a catalyst: 


O 



• SmcHiB, RandaO, Archer, J. Am. Chem. Soe., 61, 1796 (1939). 
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Simons ” reports that carboxylic acids dissolved in liquid hydro- 
gen fluoride produce conducting solutions: 


O 

li .. 

R— C:0:H + HF 


O 

li .. 

R— C;0:H 


base 


• * 


H 


acid 


4-1 


+ F 


— 1 


(33) 


The resulting cation will then dissociate to form water and the acyl 
carbonium ion, which will acylate an aromatic compound through 
an electrophilic attack : 


0 

+1 

0 

11 •• 


II 

R— C:0:H 


R— C 

H 


(+) 


+1 


+ :0:H 
H 

It will be noted that these weak carboxylic acid 

forced to act as bases by the much stronger acids used j 

Acyl ELaudes. The mech anism of the acylation 

the acid hahdes can be explained on the basis of tl 
equation : 


(34) 


O 

!l 

R — C 


O 



acid 


(+) J 

add 


+1 


+ H:C1: 


9 m 


(35) 


Carboxy i^HYDRiDEs. The mechanism of the acid-catalyzed 
acylations using a carboxy anhydride as the acylating agent 
could be written as follows: 


O 

li 



O 

II 



\ 

:0 


Cl 

+ A1:C1 

# • 

Cl 



II 

o 



\ S:* 

:0:A1:C1 
^ Cl 


add 


I • 

o 

o 



+1 


(+) J 

add 


+ 


R 


O 

II 



AICI3 


— 1 


(36) 


"Simons. Chem. Revs., 8, 213 (1931). 
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The porative fragments formed in these reactions will aeylate 
benzenoid systems through a reaction medianism such as that 
shown in equation 29. 

4. Esterification of Aldehydes (Cannizzaro Reaction}. 

A special example of the Cannizzaro reaction results in the 
direct formation of an ester from two molecules of an aldehyde.^ ^ 
The catal]rtic agent used here is an acid (aluminum alko^de) 
according to the Lewis theory. This acid coordinates with a mole- 
cule of the aldehyde, acting as a base, and produces an acidic 
intermediate, as follows: 


H 

I .. 

R— C::0: 


R 

1 

0 

1 

+ Al— O— R 

I 

0 

1 

R 

add 


H 

I .. 

R— C:0 
(+) - 


R 

I 

0 

1 


1 

0 

1 

R 


(37) 


A amount of the aldehyde is probably already present in its 
reactive form: ^ 

1 \ 

R— C:0:‘"‘ 

<+) •• 

The function of the catalyst seems to be to increase the concenlxar 
ti<m of the reactive form that has an electrophilic carbtmyl carbon 

as shown in equation 37. 

The next step has been considered the removal of a hydride ion 
from a second molecule of the alddiyde as foUows: 


H 

I 


O 

II 


R-<;— o-*ai(or) 3 + R'— c 
<+) - 


H 

R-C— O— A1(0R)3 + R' 

• m 

H 


O 

II 


(+) 


+1 


(38) 


Oad and Adkins, J. Am. Chan. Soe., 46, 3013 (1923) 

Chan. Zattr., 7T, 1309, 1552 (1906). 
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The final step involves the displacement of one acid by another. 


[R— CHa— O— A1(0R)3]-^ + 

base 


o 

II 



(+) 

add 


+1 



o 

R— CHa— O— C^R' + Al(OR)3 (39) 

B. Condensation. Reactions of Carbonyl Compounds. 

The reactions of aldehydes with hydroxylamine, hydrazines, 
and semicarbaades are catalyzed by acids. These reaction mech- 
anisms can be explained in terms of the new terminology. 

The acid catalyst coordinates with the carbonyl oxygen,** 
which is electrodotic : 


:0 




R— C-hHA 

I 

R 

base aoid 


:0:H 
R — C(+) 

R J 


+1 


+ A 


— i 


(40) 


add 


The resulting carbonium ion behaves as an acid and thus coordi- 
nates with the electrodotic nitrogen of the above-mentioned com- 
pounds. For example, with the semicarbazide the following reac- 
tions will take place: 


R OH 

add 


+1 o 

.. II 

+ H2NNHCNH2 



R OH O 

\l II 

C:N— 3SIH 










+1 


( 41 ) 


add 


Ccmaiit and Bartlett, J. Am. Chem. Soe., 6ft, 2881 (1932) 
Westhdbmer. J. Am. Chem. Soc.. 66, 1962 (1934). 
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R OH 

\l 


N— NH 


O 

11 



NH 


+1 
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— 1 


R OH 
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C— N— NH 


O 
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R 


1 

H 


R OH 

\l 

O— N 

/ I 

R H 


NH 


O 

11 



NH 


R 


O 

11 


NHg-^HA 


C=N— NH 



NSs + H2O 




/ 


6. Halogenation. 

Akomatic Compounds. The halogenation of a 
compounds probably has a mechanism similar to that 
Friedel-Crafts reactions: 


:Br: 

:Br:Br: + Fe:Br 

:Br: 


[=*] 


+1 


:Br: 


+ :Br:Fe:Br: 
“ :Br: *’ 


The pomtive fragment farmed in the reaction will attack tiie 
matic compound and cause substitution* to take place in 
mimmy previous^ described: 


Meerwdn, Z. angew. Chem., 38 , 815 ( 1925 ). 
Pfeiffer and Sehnfader, jmkt, Chem^ | 39 , 
Price, jr. Am. Chem. See., O, 2101 ( 1936 ). 
Wi ain ger , Z. mgem. Chem., 44 , 469 ( 1931 ). 
Wiringar, Z. angew. Chem., 46, 756 ( 1933 ). 
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+ FeBrr<=^ HBr + FeBr, (47) 


ftdd baae 

Other acidic compounds like antimony pentachloride, stannic 
chloride, and iodine can catalyze the reaction through the hetero- 
fission of the bromine molecule and the formation of the polar 
complex. 

Benzene can be iodinated under anhydrous conditions with 
silver perchlorate as a catalyst.”- “ One su gg ested mechanism is: 

:I:I: + AgC104 Ag:i*: + 0104“^ + F (48) 

base add acid 


Such a simple ionic equation is probably inadequate because of 
the high ionic association observed in benzene.® However, there 
is no doubt that silver ion is acidic, as shown by its behavior in 
forming complexes in water and by its effect on indicators in other 
solvents.® 


AI/COhoIjS. The catal 3 rtic action of zinc chloride on the con- 
version of alcohols to halides is well known. The catalyst used 
is an acid which coordinates with the basic alcohol. An a, 7 -shift 

of the chlorine atom accoimts for the formation of the organic 
halide.®^ 


R:0: +H:C1: 

• • 00 

H 

base acid 




" Birkenbach and Goubeau, Ber., 67B, 917 (1934). 
“ Birkenbach and Goubeau, Ber., 66B, 395 (1932). 
“ Truffault, Compt. rend., 202, 1286 (1936). 

** Lewis, J. FrankUn Inst, 226, 293 (1938). 

Lucas, J. Am. Chem. Soc., 62, 803 (1930). 
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:C1: 


R:0: + ZnrCi: + [:d:] ^ 


H 


acid 


:C1: 

RrOzziicd 

H 


— i 


(50) 


Cl: 


R:0: Zn :C1 
H :Ci: 


R 


:Ci: + [lO: Zn :ci 

H :ci: 


(51) 


O: Zn :C1 

• • # • • # 

H :C1: 


+ H+i -» ZnClz + H 2 O 


(51a) 


7. Hydrolysis. 

The hydrolysis of benzyl chloride is catalyzed by the presence 
of Hg''"* salts.** The electrophilic Hg+* salts are here behaving 
as acids and react with the organic halide to form a carbonium ion: 



Cl: +Hg 


+2 



+ [Hg:^:]"^' (52) 

acid aod 

CHa]^* + H:6:H 

acid tMBe 

:0:H + H+^ (53) 

mm 

We see here the familiar reaction of the acid catalyst, Le., the 
displacing of one add by another. The reaction rate is increased 
by the catalyst because the Hg'''^ ions increase the ccmcentralifm 
of bemQrl carbonium ions. The result is a speeding up of the 
reaction shown in equation 53. 

8. Snlfonatiam and Ritrotion. 

Boron trifluoride Iww been r^>orted as an add catalyst in sulfonsr 
tion and nitration reactions.** The amounts of catalyst required 

** Robots and Hammett, J. Am. Chan. Soc., 6^ 1063 (1937). 

** Thomas, Anxilotti, and Hennion, Ini. Eng. Chan., S8, 408 (1940). 
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indicated that the reaction proceeds as follows : 

KH + HOSO2OH + BF3 R— SO2OH + HaOiBFa ( 54 ) 

RH + HONO2 + BF3 R— NO2 + H20:BF3 ( 55 ) 

Since the rate of sulfonation increases with increasing acid con- 
centration in sulfuric acid of less than 100 per cent concentration 
and with the concentration of sulfur trioxide in fuming acid,**~** 
the sulfonation probably takes place largely through the t3rpically 
acidic displacement of a proton by the acid, SO3. (See page 63 .) 


+ SO. 

baas Bcld 

The catalytic function of the boron trifluoride may be to in- 
crease the concentration of the sulfur trioxide by combining with 
the water to form H20:BF3. 

H2SO4 + BF3 SOs + HaOcBFa ( 57 ) 

The actual mechanism of nitration is not known, but it may 
possibly involve the N02'^^ ion ® as follows: 




:b’* p 

H:6:n’:*. -f B:P 
•• :o: ^ p 


acid 


■p’ 

H:6;n:. 

F;B:P ‘P.' 
P 


H:0: 

F:B:F 

F 


+ 





The catalytic function of the boron tiifluoride may be to produce 
a higher concentration of the NOa'*’^ ions according to equation 68. 

“ Martinaen, Z. physik. Chem., 62, 713 (1908). 

■ Pmnow, Z. Elektrochem., 21, 380 (1915). 

*■ Piunow, Z. Etekbrochem., 23, 243 (1917). 

” Price, Chem. Bern., 29, 51 (1641). 
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Hydrogen fluoride has been reported as having a strong 
effect on sulfonation and nitration reactions.^ 




\ + H2SO4 



— SO 2 OH (75 per cent yidd) (60) 



+ HNO 3 


o®c. 



— NO 2 (83 per cent yield) (61) 


9. Cyclic Ketcme FonnalioiL 

Aromatic carboxylic compoimds can be readily cydized to form 
cydic ketones. Many add catalysts such as AlCJla,®"” SnCU,”"™ 
HF,” H 2 S 04 ,™> ” and P 2 O 5 * can be used. 

The catalytic effects observed in these reactions can be exphuned 
readily as instances of sample add-base catalysis if one adopts the 
conception of acids and bases proposed by G. N. Lewis. One spe- 
cific example is the condensation of o-b»izoylbenzoic add to 
anthraquinone, which baa been studied by several authors without 
arriving at a completely ^tisfoctory explanation of the ^ects 
observed. ^ 

H C-OH II 




+ H2O 


(62) 


fSwionft, PasBiiio, and Archer, J* Am, Chem, ^ GOS (194 
Mayer and Stamm, Per., 66, 1424 (1923). 
inppifig and HiH, Jf, Cheoi, Poe., 1899, 144. 

and ^eser, Org, SyvAheseB^ Clofl, Pol. 3, 569 (1943). 

VoOmaim, Becker, Corell, and Streeck, Awt., 681, 1 (1937). 

Winteistein, Vetter, and Schdii, Per., 6^ 1079 (1935). 

Fleaer and Fieser, Jf, Am, Chem, Po&, 6T, 782 (1^5). 

FSoaer, Hershberg, Lon^ and Newman, af. Am. Ckem* Poc., 69, 476 (1937) 

Gannack, and S6fir, J, Am. C%em» Po&, 6^ 1682 
Fieaer Heishber^ J- Am, Chem, Poc., 61, 1272 (1939). 

OimA and EUswett, J • Cfum, Soc,f 1^^ 365. 

Home and Shiiner, /. Am. Chem, Poo, 6Ff 4652 (1933). 

(TpA Hewett, J, Chem, Poc., 1933, 398. 
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Deane and HufiEman have extended rate measurements of the 
o-benaoylbenzoic acid condensation into oleum of concentrations 
up to 29 per cent SO 3 at 75 and 85®. They found that the velocity 
constant increased steadily up to their maximum sulfur trioxide 

percentage. 

This increase in reaction rate with increased concentration of 
sulfur trioxide in sulfuric acid is readily understood when con- 
sidered from the Lewis viewpoint. It is merely due to increased 
overall acidity. Sulfur trioxide is a stronger acid than sulfuric 
acid. Lewis and Bigeleisen have shown that the acidity of 
sulfuric acid solutions increases with concentration of sulfur tri- 
oxide. Close correlation is evident in comparing the Lewis and 
Bigeleisen plot of Hammett's acidity function with the plot of 
variation in reaction rate with concentration of sulfur trioxide 
^ven by Deane and Huffman.®^ This close correlation indicates 
that the condensation of o-benzoylbenzoic acid is an acid-catalyzed 
reaction, and that the reaction rate does not depend upon a par- 
ticular species but rather upon the acid strength. Probably SOs, 
H 2 SO 4 , and are the three principal species involved, but 

the question of tbe exact proportion is imimportant, since the 
overall acidity can be measured experimentally. Of course it is 
obvious tha t in 65 per cent oleum the ratio of SO 3 to is 

very great. 

According to this viewpoint, the inhibiting effect of the product 
anthraquinone and of other substances can readily be explmned. 
Anthraquinone is weakly baric. Each oxygen atom can donate 
a share in a pair of electrons to a sufficiently strong acid.®* The 
presence of the anthraquinone in such a highly acidic medium 
simply decreases its acidity and, therefore, its effectiveness as a 
catalyst. A similar explanation f^plies to the other inhibitors 
tested by Deane and Huffinan. Several of these substances such 
as AICI3, HCl, and CUCI2 are typical generalized add catalysts. 
Even these adds, strong enough to catalyze Friedel-Crafts and 
rimilar reactions, are forced to behave as weak bases by the stronger 
mixture of sulfur trioxide and sulfuric add. 

In view of this very great acidity of f^ing sulfuric add, the 
statement of Deane and Huffman tbat “The effect of definite added 

^ Deane and Huffman, Znd. Eng, Cheney 35, 684 (1943). 

® Lewis and Bigdmsen, J , Am. Chem. jSoc., 65, 1144 (1943). 

^Ebert, Z. ElMrochem,, 31, 113 (1925). 
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amounts of concentrated hydrofluoric acid wiU more fuUy indicate 

the status of this reaction as a ease of acid-base cataly^” is not 

likely to be upheld. They themselves have already tried a 

stronger acid than HF, namely, AICI3, and found that it did 

not increase the reaction rate in fuming sulfuric add but actually 
decreased it. 

Newman « has postulated the formation of the cyclip carbonium 
ion 



as the first step in the condensation. This suggestion is based on 
the formation of a quantity of pseudo ester when methyl alcohol 
was present. The cyclic ion is considered to be formed by the 
reaction of sulfuric add on the o-benzoylbensoic add with 
and 2HS04“^ as the other products. This explanation conforms 
to the Br0nsted theory of adds and bases, but obviously the 
Br0nsted theory cannot explain the large increase in velocity conr 
stant as the amount of sulfur trioxide is increased. On the o 
hand, the observed behavior is exactly what is expected on the 
basis of the electronic theory of adds and bases. Sulfur trioxide 
is a much stronger add (Le., has a greater tendency to appropriate 
lone electron pairs) than H2SO4 or 

However, it is not assumed that the hypothesis of a cyclic ion 
is incorrect. The cyclic ion could be formed just as well by sulfur 
trioxide as by sulfuric acid 


11;^ 


o-bensoylbensoic add + SO3 


HSO, 


And so, whether the (ycUc ion or some other explanation is adopted, 
the ability of the Lewis theory to expliun the observed catalytic 
effects is not affected. 

An alternative mechanism,*^ which we prefer for reasons dis- 
cussed subsequently, is as follows: 

M Newman, J. Am. Chm. Soe., 64, 2324 (1942). 

** Luder and Znffanti, J. Am. Chem. Sac., 66, 524 (1944). 
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+ S:0: 




baae acid 



The use of H 2 SO 4 , or any other acid species present, in 

place of the sulfur trioxide, in the above equations would serve 
equally well since according to the Lewis theory acids coordinate 
with lone electron pairs. In equation 63 the sulfur trioxide behaves 


as a typical acid by coordinating with the orygen electron pair 
to ^lit off the OH“^ g?-oup, thus leaving the carbon atom electron- 
deficient. The coordination makes the carbon atom acidic, since 
it now has a great tendency to appropriate a lone electron pair to 
complete its octet again. The two possibilities are: the formation 
of the cyclic ion, and the formation of anthraquinone according to 
equation 64. Both reactions undoubtedly take place, since New- 
man seems to have demonstrated conclusively the existence of a 
large proportion of the cyclic ion at low temperatures. But, since 
the reaction under discussion is the formation of anthraquinone, 
it seems UMecessary to involve the cyclic ion. We prefer to regard 
its formation as a side reaction to, rather than the first step in, 
the production of anthraquinone. 
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The reasons for this preference are: (1) it fits the experimental 
facts equally as well as Newman’s explanation; ( 2 ) it is simpler 
and more direct; (3) it is in accord with the newer explanation of 
the mechanism of acylations; (4) when the structural formulas of 
all three species are considered there seems to be no way of getting 
a cyclic ion from o-benzoylbenzoic acid except through the open- 
chain ion as an intermediate step. 

Gleason and Dougherty^ showed that the condensation is 
actually first order and not merely an apparent first-order reaction 
because of an excess of sulfuric acid. No explanation of this order 
of reaction has been offered. There is a rapid evolution of large 
quantities of heat when oleum is added to the o-benzoylbenzoic 
acid. We have oleerved that this rapid evolution of heat on 
mixing is many times greater at high sulfur trioxide concentra- 


tions, corresponding roughly to the much greater velocity con- 
stant. A logical explanation of these two facts in keeping with 
the other aspects of the Lewis interpretation is that the carbonium 
ion is formed rapidly according to equation 63 upon mixing. The 
rate-determining step would then be equation 64, which is obvir 
ously first order. The difference in rate with increasing amounts 
of SO 3 is due to the shiftily of the equilibrium in equation 63, so 
that the initial concentration of carbonium ion is greater as the 


acidity of the solution is increased. 


10. Summary. 

In all the examples of acid catal]^ considered in this chapter 
the characteristic effect of the acid catalyst is the increase in con- 
centration of the acid group involved in the reaction. This is 
usually accomplished by the familiar displacement of one acid by 
another. In a few reactions displacement does not result, but the 
combination of the acid with the reacting substance merely local- 
izes the electron deficiency on one atom, which can then behave 

as an acid. One example is the alkylation by olefins. 

Either way, the net result is the characteristic increase in the 
concentration of the add group. The effect is simi lar whether the 
catalyst is an H-acid or any other acid. 

* Gleason and Dougberty» -f. Am. Cftem. Soc., 61s 310 (1029) 
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1. latroduction. 

In this chapter, it will be shown that the characteristic effect 
of the basic catalyst is the increase in concentration of the basic 
group involved in the reaction. The mechanisms that bring about 
these changes will be discussed by means of well-known reactions. 

The bases used as catalysts are electrodotic reagents tiiat may 
be ions or molecules, e.g.. 



:6:R' 

-1 

•• 11 

:0:G— R-^ 

H 

H 

H 

R" 

1 

1 

1 

-R :N— R 

:N— H 

:N— R 

:N- 

1 

1 

1 

1 

R' 

H 

H 

R' 


and :C=N: \ These reagents are also recognised as bases, 
by the Br0nsted theory, because they are proton acceptors. Iq 
this chapter, however, it wiU be shown ^t these bases can and 
do combine with many electrophilic (acidic) substances other f.hsm 
the proton. It will be evident that the proton is only one of many 
different electrophilic substances that exhibit acidic behavior. 
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2. Reactitms of Carbon^ Compoiiiids Coatainhig a-H A*nine 

R— CHa— GHO or R— CH— CHOI 

I \ 

Seij'-Conoensation. Aldehydes (aldol ccmdensatiaiis). The 
synthetic importance of these condezisalions is known to all organic 
chemists. A wide variety of compounds can be 
the condensation of two carbonyl compounds. The catalysts used 
are bases such as acetates, carbonates, pyridine, and amines.^ 
These catalytic agents are bases according to both the Lewis and 
the Br0nsted theories. The mechanism * of the reaction may be 
represented as follows: 





One base (pyridine) tends to displace the other from comlnnation 
with the proton. This base (the carbanion) can thai react with 
another molecule of the aldehyde which is thus bdiaving as an 
acid: 






0) 


»Bdl, J. Chem. 8oe^ 1987, 1637. 

■Hammett, Phyriml Orgtmic Chemubrg, MeChaw-MiU Book Oi^, New 
Yori:. 1940, p. 343. 
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When the reaction is cartied out in deuterium water * no deu- 
terium hydrogen becomes attached to the carbon, indicating that 
water takes no direct part in the mechanism of the reaction. 

Ketones (aldolization). The effect of basic catalysts on the 

% 

active oeH atoms of ketones ^ is the same as that produced in alde- 
hydes. The result is the displacement of one base by another 
base. The preparation of diacetone alcohol from acetone using 
Ba(OH )2 as a catalyst, is familiar to organic chemists:^ 


O 

II 


CaSa— C— CHs + [:p:H] 


— 1 


CH 


O 

II 



1 " - 

J +H:0: 


H (4) 


base 


aoid 
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CHa 




C(+) + 
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:CH,— C— CH 
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CH, 
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(-) 


o 

II 


LCHa 




CuCHg — C — CH 


— 1 


( 6 ) 


CHa 


<-) 


O 

II 


CHi 


X.9 

^C:CH2— C— CH; 


— 1 


+ H:0:H 


add 


CJH3 


H 


o 


CH 




C 1 CH 2 — C— CHa + ^:0 ;hJ ^ 


( 6 ) 


acid 


Bonhoeffer and Walters, Z. physik. Chem., A181, 441 (1938) 
IaMbt and Miller, J. Am. Chem. Sac., 67, 2674 (1935). 
KoeUchen. Z. physik. Chem., S3, 129 (1900). 
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The basic catalysts tised in this type of reaction are OH“*, am- 
monia, primary amines, and secondary amines.^ * The ba^ 
catalyst displaces a basic anion from the ketone as shown in equa- 
tion 4. The result is an increase in the reaction rate for the reatv 
tion shown by equation 5, i.e., the rate-determining step in thia 
mechanism. Equation 6 shows the regeneration of the catalyst. 

Esters (Claisen reaction). The Claisen reaction probably 
involves an ionic mechanism similar to that shown for the alde- 
hydes and ketones. The first step is the displacement of the ester 
anion by the basic alkoxide ion : 


O 


+ 


[=o 


CoH 


r 


o 

II 


r 


CH 2 — C““^C2H5j + HiO-CaiHs (7) 


Evidence of ester anion formation according to equation 7 has 
been reported in the literature.^'* '* Other strongly basic catalysts 
such as the triphenylmethyl carbanion can be used.'** 

The rate^ietermining step in this condensation is probably the 
following: 

* Branch and Calvin, Theory of Organic Chemi^ry, Prentioe-Hall, New 
York, 1941, pp. 463-6. 

^ Arndt and Eistert, Ber., 69, 2384 (1936). 

* Hauser, Ani* Chenu Soc,j 60, 1957 (1938). 

® HaUrSCT* and Renfrow, J. Am. Chem Soc.^ 69, 1823 (1937). 

Snell and McElvain, J, Am Chem jSoc., 63, 2310 (1931). 

“ Muller, Gawlick, and Kreutzmann, Ann,, 616, 97 (1934). 

“ Schlenk, Hillomann, and Rodloff, Ann,, 487, 135 (1931). 

“ Hauser and Renfrow, Org, Syntheses, 19, 43 (1939), John Wn^ & Sona 

New York. 

Hudson and Hauser, J. Am, Chem j8oc., 62, 2457 (1940). 



CAKBONYL COMPOUNDS CONTAINING »-H ATOMS J41 




( 9 ) 

Condensation with Other Carbontij Compounds. Carboxy 
ArAydrides (Perkin reaction). Carboxy anhydrides, such as acetic 
add anhydride, are usually condensed with aldehydes which do 
not contdn active a-H atoms.*® Although other aldehydes could 
be used, in this type of reaction, the formation of undesirable by- 
products restricts the choice of aldehydes. With an aldehyde 
contmnmg no a-H atoms, the basic catalyst will react with the 

a-H atoms of the carboxy anhydride and produce a basic anion, 
as shown in equation 11. 

The Perkin reaction, therefore, is fundamentally the reaction 
of ^ aldehyde (with no o-H atoms), an acid anhydride, and the 
sodium salt of its acid. After much controversy in i^ard to the 
function of the anhydride and its salt, it is now generaUy accepted 
that the anion of the salt serves the fimcticm of a basic catalyst. “ 
Many other bases such as alkaU metal acetates, carbonates, suh 

Perkin, J. Chem. Soe., 21, 53, 181 (1868). 
w Kalnin, He^. Chita. Ada, 11, 977 (1928). 
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fates, phosphates, pyridine, quinoline, and triethylamine 
been used for the condensation. 

Although the overall reaction is represented as 



the mechanism* of the reaction can be shown as follows: 











o Bakunin and PecceriDo, Gazz. chxnu itoLf 66, 1145 (1935). 
^ TTiiVin and Ishikawa, Ber,y 64, 2347 (1931)* 

^ Muller, Atwi., 491, 251 (1931). 
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Malonic Ester Derivatives (Knoevenagel reaction). Malonic 
acid esters can be condensed with aldehydes through the use of a 
basic catalyst. The very labile a-H atom of the malonic ester 
reacts *• “ with the catalyst as follows : 


COOC2H5 H 

I 1 

H;C— H + :N— H 

I I 

COOC2H5 H 

acid base 


■ COOCaHg" 

:C— H 
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r H n 
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H:N— H 
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L H J 
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- COOCzHg- 
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( 16 ) 


add 


The anion, thus formed, will undergo an acid-base reaction with 
the carbonyl compoimd: 



COOC2H5 



I 

L COOC2H5J 

base 


— 1 



(-) 



: 0 : 

H 




COOCaHs 



\ 


COOCaHfiJ 


— 1 


(17) 


i&ioeveiiagel, Ber., 81, 2598 (1898). 
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The catalyst is regenerated in the following reaction 
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H ( 18 ) 


The a^unsaturated acid is produced by Icjss of water, hydrolysis 
of the ester groups, and decarbo:^latiQn ; 


^ % 


OH CXlOCaHs 

I I 

■C — C — H 
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COOC3H5 ( 19 ) 




-|- 2H2O 


CXXlCaHfi 
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+ 2 CyB 50 H (20) 


OOH 




COOH 

I 




COOH 


=CH— COOH + CO2 

( 21 ) 


Equatum 16 shows the bamc catalyst rranoving an active oe-H 
atom frmn the malonic ester. It is ^parent that* if any other 
carbonyl compound with active oeH atoms is present, a sitnil a r 
type of reaction would take plac^ with the catalyst.*^ The best 

■ Zaar, Ber. Sdtunmd * Co. AU. JubHee Numbear, 299 (1929); CAn 
at, 2107 (1930). 
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results (fewer by-products) axe obtained, therefore, when the 
malonic acid ester is condensed with carbonyl compounds con- 
taining no active o-H atoms. 

The presence of two carbonyl groups in malonic ester makes the 
a-H atoms so reactive that it is possible to condense it with alde- 
hydes, ketones, and esters containing only one carbonyl group, 
without getting too high a percentage of by-products.®* This 
reaction is feasible because in a competitive reaction of the car- 
bonyl compounds containing a-H atom with the basic catalyst, 
the malonic ester having the most labile hydrogens will win out. 

In the previously discussed Perkin reaction, limiting the choice 

of aldehyde to one containing no a-H atoms, i.e., benzaldehyde, 

is more unportant because of the less-labile H-atoms present in 
the aliphatic anhydrides. 

3. Reactions of Carbonyl Compounds Containing No n-TT Atoms. 


or R 


SeI/P-Condensation. Use of Electron-Release Catalyst (Can- 
nizzaro ruction). Fundamentally, the base-catalyzed Cannizzaro 
reaction involves the reaction between two molecules of an alde- 
hyde containing no a-hydrogen atoms.®* The overall result is the 
transfer of one aldehyde hydrogen to another aldehyde group, 
thus producing two radicals that could combine to form w.ti ester. 
The presence of the basic catalyst prevents the ester formation, 
and an alcohol and a metal carboxylate result.®*- The mechar 
nism can be shown as follows: 





** von Auwers et al., Ann., 432, 46 (1923). 

*• Pomeranz, Monatsh., 21, 389 (1900). 

** Euler and Lovgren, Z. anorg. aUgem. Chetn., 147, 123 (1925). 
* Geifa, Z. physik. Chem., A169, 41 (1934). 
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H:0:H 



(24) 

The amphoteric nature of benzaldehyde is shown by this base- 
catalysed reaction and by the previously discussed (page 126) 
acid-catalyzed reaction to form an ester. In one reaction the car- 
bonyl o^gen offers a share in an electron pair to the «nifl catal^t^ 
and in the other reaction the carbonyl carbon accepts a share in 
an d^tron pair from the baric catalyst. In the base-catafyzed 
reactions of aldehydes containing no o-hydrogoi the effect of the 
entering basic catalyst is to shift the carbon-hydrograi electron 

pair • toward the hydrogen, thus favoring C — rather tiinr. C— -H 
(equation 22). An electron shift in this direction is caused onty 
with electron-release ^ups such as OH~* and OCgHs"* inns 
piis change enables a hydride ion * to be split off more earily tLsm 
it would be if the baric catalyst were an election-witiidrawal 
group, such as the cyanide ioiL The latter group would «»»rinR 

carbonrhydrogen electron pair to shift C — rather than 

C — H and thus favor the removal of a proton rath» than a hydride 
ion. Thiffi we can explain the specificity of the cyanide ion as a 
basic catalyst in the benzoin condensation, which will be dis- 
cussed later. 

The reaction in deuterium water ** results in an alcohol c(m- 
tahiing no deuterium hydrogen attached to the carbon. Thus 
the transfer of a hydrogen from one aldehyde molecule to anoth^ 
does not involve water in the transfer mechantam- 

Another example of the acidic behavior of the amphoteric alde- 
hyde and the basic action of a catalyst in thia type of reaction is 
the formation of benzyl benzoate under anhydrous conditions: 

** V^edoihagen and Banhoeffer, Z. fkffiik. Chem., AlSl, 379 (1938). 
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aeld 





second molecule of aldehyde reacts as an acid with t.hig 

lediate and removes a hydride ion, thus fonning the neutra 

lolecule and at the same time regenerating the basic ca 
the benzylate ion; 






acid 



Uxcf the Eledrorv-Withdratoal Catalyst (benaoin reaction). The 

^cificify of the basic cyanide ion used as a catalyst in the fonnar 
tion of benzoin has been considered puzzling, and apparently no 
adequate expiation has yet been suggested. « Hydrogen cyanide 
mercuric c^mde, and sodium hydroxide have no effect on the rate 
of b^m formation, whereas sodium cyanide, potassium cyanide 
and banum ^anide have a powerful catalytic effect.* 

kinetics of the reaction, however, leaves little doubt that 
tee following mechanism ” exists: 



the product formed, the (granide group, which is an electron- 
withdrawal group, greatly activates the o-hydrogen by causiiig 


Hammett, Physiad Organie Chemutry, 
r York, 1940, p. 349. 

I^nrarth, J. Ckem. Soc., 83, 995 (1903) 


'Hill Book Company, 
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an electron displacement in the G — bond tdiidi lesolts in 

C — rather than C — Therefore, instead of a hydride ion, a 
proton is split off by the oxygen of a siTnila.r molecule. The net 
result can be considered a shift of a proton from the carbon to the 
oxygen of the carbonyl group. It seems reasonable to suspect that 
the specificity of the (^anide ion as a catalyst for this reaction is 
due to the fact that it has electron-withdrawal properties. The 
other common baric catal3rsts, such as OH""*, OC^Hg—^ and the 
amines, all have electron-release properties, which would cause 


the electron shift to C — and thus produce a hydride ion rati 
than a proton: 





A second molecule of the benzaldehyde reacts as an acid with 
this baric complex as follows: 


H 

: 0 : 
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CklNDENSATION WITH OXHER CaRBONYL COMPOUNDS. The 
condensation of aldehydes having no a-H atoms with other car- 
bonyl compounds has already been discussed. The Perkin and 
Ehoevenagel reactions fall in this catagory. 

In discussing the above reactions, we emphasized the effect of 
the basic catalyst on the a-H atoms of the carbonyl compounds 
(i.e., carboxy anhydrides and malonic esters). The resulting 
anions accelerated the formation of the end products of these 
reactions. The anions were shown to react with an aldehyde con- 
taining no of-H atoms (equations 12 and 17). 

It is obvious, from the reactions already discussed, that the 
basic catalyst will have practically no effect on carbonyl com- 
pounds having no a-H atoms, if other carbonyl compounds con- 
taining o-H atoms are present 

4. Summaiy. 

In all the examples of basic catalysis considered above, the 
characteristic effect of the basic catalyst is the increase in concen- 
tration of the basic group involved in the reaction. This is accom- 
plished by the fa mi l iar displacement of one base by another: for 
example, the displacement of the ester anion from ethyl acetate 
by the ethoxide ion catalyst in the Qaisen reaction. In some 
reactions, however, displacement apparently does not result, but 
the combination of the basic catalyst with the reacting substance 
merely localizes the electron excess on one atom, which can then 
act as a base. An example is the shifting of the electron p^ of 

C ^H linkage toward the hydrogen in the base-catalyzed 
Cannizzaro reaction, thus enabling a second molecule of aldehyde 
to remove a hydride ion. 


I 
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1 . latroductitm. 

The importance and widespread use of many alkoxides aa 
catalysts warrants a brief discussion of the role they play in reac- 
tion mechanisms. These catalysts may often lead to "surprim^’ 
results if the addic, bade, or amphoteric nature of the alkoxide is 
not conddered. 

The alkoxides may be amphoteric, hi^y acidic, or hi^y bade. 

Alkali metal alkoxides such as sodium ethoxide are bade in reac- 

• - 

tions because of the ethoxide ion (OC^EEs Ahiminum 
alkoxide/ Al(OR)3, would be primarily addic in bdiavior because 
of the strong tendency of the electrophilic (Le., addic) aluminum 
atom to accept a diare in a pair of electrons from an eiectrodotic 
compound (i-e., a base). Toward another, stronger add, however, 
aluminum alkoxide would react as a base as does aluminum hydrox* 
ide. A survey of the literature shows several very interesting in- 
vestigations in the field of catalytic condensations of aldehydes in 
which acidic, basic, and amphoteric catalysts are used. KulinmAi 
and Nord* have reported the use of an alkoxide (“complex”)* 
Mg[Al(OR)4]2, which, according to their experimental results, 
seems to exhibit amphoteric behavior. 

With these facts clarified by the application of the dectronic 
theory of adds and bases, a much better imderstanding of aldehyde 
reactions seems posdble. 

1 Hauser, Am, Chem, Soc.^ 60, 1957 (1938). 

^Hauser and Benfrow, J, Am, Chem, S4)c,, 69, 1823 (1937). 

• and McHlvain, J- Am. Chem. Soc.^ 63, 2310 (1931). 

^ Tischtschenko, Chem, Zenir,, 77, 1309, 1552 (1906). 

* Hulpinaki and Nord, J , Org, Chem,y 8, 256 (1943). 
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2. Basic Alkoxide Catalysts. 

Aldehydes having a — CH 2 — group in the alpha position (such 
as ptopanal) ^nill behave as acids in the presence of a strongly 
basic catalyst like OH"* or OC 2 H 5 ~^ ions.* Thus, NaOC 2 H 6 
would react with an aldehyde as follows : 
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he actual mechanism that results in this proton removal by the 
jsic catalyst is not jiarticularly important. It may be a coordi- 
ition of the base with the proton accompanied by an ionization, 
■ a coordination of the basic catalyst with the carbonyl carbon 
Uowed by an a,Y-shift. In either mechanism the catalytic effect 
due to the increase in concentration of the carbanion that results 
om this first step. 

This type of reaction leads to an aldolization (formation of a 
mpound similar to aldol) 
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)lecule of water is subsequently eliminated on acidifica- 

>nization (formation of a compound similar to croton- 
will result: 
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• Ben, J. Chem. Soc., 1987, 1637. 
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Aldehydes lhat have available only one hydrogen in the 
position, such as the ce-all^l aldehydes (— CHR— CHO), ate less 
acidic ^ than those containing a — CHj[ — ^^oup in the idpha post* 
tion. This is due to the electron-release effect of the alkyl group 
which displaces the C — H electron pair nearer to the prottm and 
makes the proton removal by the basic catalyst more difficult. 
Aldolization of such aldehydes would, therefore, require strongly 
basic catalysts. 

It is apparent from this discusson that a-lkstli metal alkoxides, 
such as NaOC2H5, which furnish a high conciliation of OCJaHs"' 
ions, will behave as strongly basic (electrodotic) catalysts. Their 
use with aldehydes would produce an aldolization or crotonization 
if active oe-hydrogens are available. Therefore, the experimental 
observation ® that alpha — CH2 — and — CHR — aldehydes behave 
s i milar ly toward alkali metal alkoxides is to be expected, since 
these stron^y basic catalysts will cause both types of aldehydes 
to bdiave as adds to produce similar types of compoimds. 

When no oc-hydrogen is available in the sddehyde (such as ben- 
zaldehyde), a stronger base, like OH~^, is needed to catalyze the 
reaction by coordinating with the carbonyl carbon: 



This coordination leads to a Cannizzaro type of ruction (see Chap- 
ter 11 ). The effect of the coordinated OEP^ group is to displace 

the C — electron pair nearer to the hydrogen C — so that a 
hydride ion may be split off by another aldehyde group acting as 
an acid: 





» riilmftii, Organie Cherniy, John Wiley & Sons, New Y«Hk, 1913, VoL B, 
p. 1844. 
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Benzyl alcohol and sodium benzoate are formed in the presence of 
sodium hydroxide. This change has often been referred to as an 
oxidation-reduction reaction, but experimental exddence has 
shown that oxidizing agents have no catalyiiic effect.® This result 
would support the conclusion that the reaction is of the generalized 
acid-base type. 

3. Acidic Alkoxide Catalysts. 

The amphoteric nature of carbonyl compounds is shown by the 
fact that their reactions can be catalyzed by acids as well as bases. 
In the preceding section it has been shown that aldehydes behave 
as acids in the presence of alkali metal alkoxides. 

The basic behavior of carbonyl compounds such as aldehydes is 
illustrated by their condensation reactions in the presence of 
aluminum alkoxides (acids). 

Alkoxides like Al(OR )3 will behave as fairly strong acid 
catalysts,^'® owing to the tendency of the aluminum atom in these 
compounds to accept a share in a pair of electrons. In view of 
this fact it is to be expected that aluminum alkoxides will cause 
the amphoteric aldehydes to behave as bases, so that a simple 
ester results. As this behavior involves only the basic character- 
istics of the carbonyl group itself it makes httle difference whether 
we have one, two, or no a-hydrogen atoms in the aldehyde; an 
ester is the result.^ The first step is a typical acid-base neutraliza- 
tion reaction with the formation of a coordinate covalent bond: 
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The acidic (electrophilic) aluminum atom makes the carbonyl 

carbon so positive that it can remove a hydride ion ® from another 
aldehyde molecule: 


® Hammett, Physical Organic 
Hew York, 1940, p. 350. 


Chemistry, McGraw-Hill Book Co 
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4. * ‘Complex** Alkoxide Catatysts. 



Kulpinski and Nord * describe the use of “complex” alkoxide 
catalysts for the condensation of aldehydes to glycol esters. These 
catalysts are of a type represented by Mg[Al(OR) 4 ] 2 , a substance 
that evidently consists of Mg"^* ions and Al(OR) 4 ~* ions. With 
aldehydes having — CH 2 — in the alpha portion, this catalyst 
produces mainl y glycol esters. However, with aldehydes having 
— CHR — in the alpha portion, mainly sample esters are formed. 
Although these reactions may seem puzzling at first, they are 
readily understood when the ampihoteric natiAe of the aldehydes 
5tntl the catalysts is taken into consideration, from the viewpoint 
of the electronic theory of acids and bases. 

These “complex” catalysts can react as weak acids (because of 
Mg+*) or as weak bases (because of A1(0R)4"‘). The manner in 
whidi the catalyst reacts depends on the relative acidity or basidty 
of the aldehyde involved. 

The aldehydes having — CHg — in the alpha po^on are more 
a eidin tli«.n the aldehydes having — CHR — in the alpha position.^ 
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Apparently the former behave as acids towani the Al(OR) 4 ~‘ 
part of the catal 3 ^t, because aldolization is the result : 
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The aldol-lype compounds formed in such reactions are really 
aldehydes having — CHR — groups in the alpha position (except 
acetaldehyde).^ These aldehydes are more basic than the alde- 
hydes containing a CH 2 — group in the alpha position, and 
therefore the acidic Mg^^ ion rather than the basic Al(OR) 4 ~^ 

might be expected to acid-catalyze the reaction in the tjrpical way 
to produce an ester (glycol ester) : 




+ A (12) 


• * Nord (see note 5) report a very low yield of glycol ester 

with acetaldehyde. This is probably due to the fact that no alpha^alkyl aide- 

is produced here, and, therefore, practically no acidic catalysis follow 
the aldolization to produce an ester. 
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Whether the catalyst is is questionable in view of the 

presence of HAl(OR) 4 , another and probably stroo^er add^ 
formed during the first step. The production of the ester, how- 
ever, is obviously the result of acid catalysis. The removal of 
hydride ion in the second step is probdbly fadlitated by the basic 
catalytic effect that the “complex” catalyst has on this a — CHa— 
aldehyde (see equations 4 and 5). 

The esters thus produced are ^ycol esters and involve a reac- 
tion of the aldehyde in two stages, the fijtst of which is base-cata- 
lyzed (aldoUzation) and the second is add catidyzed (^ter forma- 
tion). These glycol esters will be formed ^ with an amphoteric 
catal 3 rst or a complex catalyst such as the “complex” alkoxides. 

5. Summaiy. 

An understanding of the electronic theory of adds and bases is 
of great assdstance in the interpretation of catalytic condensations 
of aldehydes. The reactions are easily explained when the add- 
base characteristics of both the aldehydes and the catalysts are 
imderstood. 

Stron^y basic alkoride catalysts result in aldolization (and 
crotonization) only; addic alkoxides produce simple esters only. 
Amphoteric or “complex” alkoxides, however, may combine both 
reactiems and produce a ^yed ester. 

I* Meerwdn, Aim., 466, 227 (1927). 



Chapter 13 
CONCLUSION 


In the Preface we postponed a more detailed discussion of the 
real function of the electronic theory of acids and bases in chem- 
istry until now. More discussion of the theory itself was necessary 
before its significance could be presented. 

As first proposed by Lewis, the electronic theory of acids and 
bases was not directly related to the phenomena of oxidation and 
reduction. But we have tried to bring out the relationship be- 
tween these two aspects of chemical behavior and to place them 
both in a larger setting. Both are manifestations of the relative 
attraction of two chemical substances for electrons. 

The electrophilic nature of a chemical substance is not an abso- 
lute property like its density. Its action as an electrophile is relar 
tive to any number of other substances. If it is reacting with a 
base it gains only a share in a pair of electrons ; if it is reacting with 
a reducing agent it gains electrons outright. Furthermore, the 
same substance may also behave as an electrodote toward another 
set of substances, i.e., as a base toward stronger acids and as a 
reducing agent toward oxidizing agents. 

At first this relativity may seem a bit disconcerting. But it is 
a part of the experimental facts, however we interpret them. We 
have only to remember water as an example (as discussed in 
Chapter 4) to see how true this is. The water molecule by itself 
is neither electrophile (acid or oxidant) nor electrodote (base or 
reductant). But it behaves as an acid toward ammonia, as an 
oxidant toward sodium, as a base toward sulfur dioxide, as a reduc- 
tant toward fluorine. All these words — acid, oxidant, base, re- 
ductant — describe the behavior of water toward other substances. 
This behavior does not depend upon any particular element, but 
upon the relative attraction of the different pairs of substances for 
electrons. The result is most simply expressed as the achievement 
of a more stable arrangement of electrons. 

This more stable overall arrangement of electrons can be 


achieved in three ways: (1) outri^t transfer of electrons (oxidar 
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tion-ieduction) ; (2) foimatioii of new coordinate covaloit bonds 
(acid-base phenomena); (3) formation of covalent bonds (odd- 
molecule reactions). The second of the three is tire only mie 
needing any further discussion here. New coordinate covalent 
bonds may be formed in two ways: (o) neutralization as HiHraia«vi 
in Chapters 3 and 6, and (b) displacement as presented in Chap- 
ter 8 and in the chapters on catalytis. A more stable overall 
arrangement of electrons in the mdecules concerned is brought 
about by either reaction. 

The one unifying principle underlying all chemistry is simply 
tins; those reactions occur which lead to the formation of mole- 
cules having the most stable electron configuration. 

We now see more clearly the function of the Lewis theory of 
adds and bases. The elimination of the idea that acidity de pends 
upon the presence of a particular element pemuts a much greater 
systematization of chemical reactions than has been passible in 
the past. 

Much remains to be done in the way of quantitative measure- 
ment as su^ested by this new relativity in chemistry. No doubts 
as more and more experimental results accumulate, the theory 
will undergo modificatirm and refinement. Elventually it may 
give way entirely to another, but the least that can be said for it 
now is that it can rid chemistry forever of one-element theories of 
the behavior of matter. This in itself is an accomplishmoit of 
oonddmable magnitude. It opens up our minds as widely as any 
previous idea in chemistry has ever done. 
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Neutralization, and Br0nsted theory, 
87, 99 

and displacement, 87, 103 
electronic theory, 15, 16, 17, 43 
Lewis theory, 15, 16, 17, 43 
positive-negative theory, 14 
primary acids and bases, 15, 16, 17, 
43,87 

secondary acids and bases, 60, 87 
solvent effect in, 102, 103 
solvent-systems theory, 10, 11, 12 
water theory, 3 
Nitration mechanism, 131 
Nitric acid, titration of, 92 
Nitro radicals, 81, 82, 85 
Nitrobenzene, substitution in, 82, 85 
Nitrogen dioxide, 76 
Non-metals, reactions of bases with, 
53, 69 

Nucleophilic radicals, 80 

Octet theory, 19, 20 
Odd-electron molecules, 75, 76, 77 
Olefins, alkylation with. 111 
Oleum, catalyst in anthraquinone 
formation, 133 
One-electron bonds, 21 
One-element theories, 5 
Orbitals, atomic, 18, 21, 22, 23, 25 
OriAo- and poro-directing groups, 62, 
81 

Osmium chlorides, 35 
Osmium fluorides, 20, 35 
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Oxidation-reduclioQ, 69, 70, 77, 78 

in podlive-n^tive theory, 14 
Oxidmng agents, ammonium ion, 10 
cation of solvent, 10, 11, 53, 54^ 
69 

hydrogen ion, 10, 11, 69 
silver ion, 73 

Oximes, formation of, 127 
Oxonium hydroxide, 4 
Oxonium salts, 3 
Oxyacids, 38 

Oxygen as a constituent oi adds, 5 

Parachor, 21 
Perchloric add, 34, 38 
Periodic chart, 24 
Peihin reaction, 141 
Permanganic add, 34 
I^enanthrene, halogenataon of, 129 
Phenol, substitution in, 83,- 85 
Phenolphthalein, 4 
3-Phenyl-l-propene, alkylation with, 
122 

3-Phenyl-l-propene, preparation of, 
122 

Phosgene, 10, 11, 12, 45, 49, 50 
Pho^hates, catalytic action of, 142 
Pho^horus pentabromide, 30 
Pho^horus pentachloride, 30 
Pho^horus pentafluoride, 19, 27, 29, 
30 

Phosphorus trifluoride, 30 
Piperidine, 9 

Positive &agments, 84^ 108, 109, IIC^ 
111, 128 

Podtive-negalive theory, 13, 14 
Potasdum amide, 10, 12 

^ chloride, 12 
L cyanide, 14 
t ethoxide, 12 
L sulfite as a base, 12 
Primary adds and bases, 60 
Protective coatings, 57 
Proton-donor theory, 6; see also 
Br^nsted-Ixiwiy theory 

I^yiidine, 16, 43, 44, 45, 49, 51* 63 
bade behavior of, 138 
catalytic action of, 142 
tstxatioD of, 91, 92,J 


Potasdui 

Potasdu] 

Potasdu] 

Potasdu] 


Quantum numb^Sy 23 
Quinoline^ catalytic aetian 142 

Radicals, addic, 81, 82 
bade, 81, 83 

electron-releaae charactensti^ 81, 
83,84 

dectzon-withdrawal charaet^is- 
tics, 81, 82 
fisdordirecting, 62, 81 
nucleoplufic, 80 

oriho- and pora-directing, 62, 81 
Rare earths, 24y 28 
Redudng agents, amide ion, 73 
anion of solvent, 53, 54, 55, 69 
hydro^l ion, 53y 69 
iodide ion, 74 
sulfide ion, 73 

Related metals, 21, 24, 25, 26 
Representative elements, 20, 24 
Resonance, 37, 38 
Rule of ei^t, 19, 20 
Rule of two, 27, 28, 32 

Salts, 88 

Secondary adds and bases, 60 
Selenium oxychlozide, 12, 51, 53. 
54 

Semicarbaxones, formation of, 127 
Sharing of dectron^ 23 
Sidgwick, 16 
SUioon dioxide, 5 
Sihoon tetrachloride, 12 
SUioon tetzafluoride, 29, 59 
^ver hydroxide, 101 
SQver perddorate, addic behavior of, 
129 

titration of, 91 

Rmith, 12 
Sodhun, 14 
Sodium amide, 10 
Sodium amoxide, 4 
Sodium ethoxide, 4 
Sodhim hydroxic^ 15, 16 
Sodium odde, 6, 14 
Solvent, inert, 4, 57, 102 

ionisable, 102 

reaction adds and bases with 
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